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PREFACE 


Another addition to the already well-developed field of thermo- 
dynamics might be regarded as so much useless repetition if it 
were not for the following significant statement in the preface to 
the textbook on thermodynamics by Lewis and Randall: “There 
are several kinds of audience to which a book on thermodynamics 
might be addressed. There is the beginner who, in order that 
he may decide whether the subject will meet his needs or arouse 
his interest, asks ifvhat thermodynamics is and what sorts of 
problems in physics, chemistry, and engineering can be solved by 
its aid; there is the reader who looks for the philosophical impli- 
cations of such concepts as energy and entropy; above all there is 
the investigator who, attaching 'problems of pure or applied science, 
seeks the specific thermodynamic methods which are applicable to 
his problem and the data requisite for its solution In the opinion 
of the author none of the textbooks available today adequately 
fulfills the needs of this last group. It is with this in mind that 
the reader should view the somewhat unorthodox presentation 
and subject matter of this volume. 

The book is not intended to be a comprehensive presentation of 
the principles of thermodynamics, nor is it intended to be a text- 
book of industrial chemistry or chemical engineering since these 
subjects have been sufficiently discussed in books bearing these 
titles. It is true, however, that in textbooks of thermodynamics 
scant attention has been paid to the presentation of methods for 
applying thermodynamics to practical problems; similarly, 
books on industrial chemistry and chemical engineering devote 
little space to the use of thermodynamics in solving concrete 
technological problems. The material here presented represents 
an attempt to make up for these deficiencies by demonstrating 
methods for applying thermodynamic principles to a wide variety 
of practical laboratory and technological problems. It would be 
unreasonable to expect a single author to produce a compre- 
hensive work on all three subjects and it would hardly be desir- 
able from the teaching standpoint. An effort has been made, 
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nevertheless, to make the volume reasonably self-contained with 
respect to thermodynamic material of primary interest to chem- 
ists and chemical engineers engaged in academic or industrial 
work. 

Another equally important object has been the presentation of 
practical methods for computing thermodynamic functions pro- 
vided by statistical and quantum mechanics and developed dur- 
ing the last decade. Although these procedures belong in the 
domain of the theoretical physicist and chemist, the modem 
chemist or technologist of average mathematical attainments 
should be able to master the more useful procedures. The 
importance of other recent theoretical developments in the field 
of molecular structure and their bearing on the thermodynamic 
properties of matter have also been discussed in the appropriate 
sections. 

In order to facilitate thermodynamic analyses of systems for 
which a portion of the requisite thermal data is missing, a number 
of methods are presented for estimating various items of thermo- 
dynamic data which have been found useful in the author^s 
experience. These methods should be used for what they are 
worth and only after all the usual sources of data have failed to 
provide the necessary experimental values. Complete elimina.- 
tion of the preliminary thermodynamic analysis of a problem 
cannot be justified on the grounds of an otherwise praiseworthy 
penchant for accuracy, merely because of the absence of a heat 
of fusion which may be roughly estimated. 

It is believed that the material presented in the following 
pages might serve as a fifth or sixth year course for students in 
chemistry or chemical engineering to supplement previous stand- 
ard courses in thermodynamics and the unit operations of chemi- 
cal engineering. The research chemist or engineer with a good 
background in general physical chemistry, including the first and 
second laws of thermodynamics, should be able to handle the 
subject matter with the help of the indicated collateral reading. 
A section containing 60 unsolved problems for classroom or 
individual work has been included at the end of the book. Since 
actual problems arise in laboratory or plant investigations with- 
out regard for the order of subject presentation in textbooks, no 
attempt has been made to arrange these problems to correspond 
to the arrangement of the various topics in the text. The last 
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18 problems are, however, arranged to require considerable 
searching of the literature for the necessary data in order to 
familiarize the student with the best and most modern sources of 
data in the field. 

Since errors are almost unavoidable, it is hoped that they are 
not too numerous or too serious and that the reader will call 
attention to them. 

Ralph R. Wenner. 

WiNTERDALE, Pa., 

July , 1941. 
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CHAPTER I 

SCOPE, DEFINITIONS, AND UNITS 

1. Scope. — The importance of a thorough knowledge of the 
fundamentals of thermodynamics to the modern chemist or 
chemical engineer has been adequately set forth in the numerous 
textbooks of physical and chemical thermodynamics that have 
appeared in the last 20 years. Although these texts leave little 
to be desired from the standpoint of clarity and thoroughness of 
exposition of the basic principles governing the equilibriums of 
physical and chemical changes, little attention has been paid to 
the elucidation of the technique of applying these principles 
to the practical problems of chemistry and technology. 

One very good reason for this deficiency is that most tech- 
nological problems do not deal with systems in equilibrium; 
hence it would appear to be impossible to divorce any concrete 
applications of thermodynaniic principles from equally important 
considerations involving rates of reactions, rates of heat transfer, 
rates of mass transfer, etc. On this basis much of the material 
presented on subsequent pages may not appear to belong in the 
province of thermodynamics, although it is hoped that no flagrant 
violations of the basic tenets of this science have been committed. 
In many cases equilibrium conditions will be regarded as limiting 
conditions of systems in which net simultaneous thermal, physi- 
cal, and chemical changes are taking place. Such systems are 
termed productive'^ systems, in contradistinction to equilibrium 
or nonproductive systems in which no net changes may take 
place unless the usual variables determining the state of the 
system are deliberately altered. The results of a thermodynamic 
analysis of an assumed productive system possess much more 
technical significance than those based on an idealized nonflow 
system which is assumed to be uniform in composition and tem- 
perature throughout. This is particularly true of metallurgical 
pirocesses where the temperature and concentration gradients 
are so large as to render the results of analyses obtained on the 
basis of uniform conditions of little practical significance. 

3 
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A type of productive system that may advantageously be 
analyzed with the aid of thermodynamics is one in which localized 
equilibriums are established at phase interfaces. For example, 
the design of equipment used in gas absorption and extraction 
operations is based on the concept that the net rate of absorption 
or extraction, at any point, is controlled by rates of diffusion 
through substantially stationary films of solvent situated on 
both sides of the interface, and that true physical and chemical 
equilibrium exists at the interface between the two phases only. 
Since the rate at which matter is transferred from one phase to 
another is determined by the concentration gradients existing 
across each film, it is apparent that a quantitative knowledge 
of the equilibriums established at phase interfaces is important 
in design considerations. 

No justification is offered for the omission of certain topics 
usually included in most textbooks of thermodynamics or for 
the inclusion of others that are usually omitted. Thus, although 
the subject of fluid flow is important to both the chemist and the 
chemical engineer dealing with flow systems, and although 
the first and second laws of thermodynamics constitute the 
basis for the quantitative treatment of steady-flow problems, 
this subject is usually omitted from academic treatises on thermo- 
dynamics. The main purpose of the author has been to collect 
the most important methods or tools available for use in the field 
of thermodynamics and to demonstrate, by means of solved 
problems, their application to a wide variety of problems encoun- 
tered in various branches of technology. 

In certain cases the subject matter of a problem may not 
appear to warrant its inclusion under the heading of applied 
thermodynamics. However, examination of these problems will 
reveal that, in all cases, enthalpy changes are involved and, as a 
general rule, an equilibrium state is involved — if only under some 
of the special conditions mentioned above. For these reasons, 
the present volume has been entitled “Thermochemical Calcula- 
tions,^^ rather than “Thermodynamic Calculations.” 

Since it is assumed that the reader has already been exposed to 
some formal exposition of the principles of thermodynamics, an 
elaborate repetition of well-developed theoretical concepts is 
omitted. It will be noticed that the book has been divided into 
two parts: the first eight chapters are devoted to a brief presenta- 
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tion of principles and their applications to thermodynamic 
problems, and the last nine chapters are devoted to the applica- 
tions of these principles to practical technological problems. 

It has been considered advisable to expand the nsual treatment 
of partial molar-heat capacities and heat contents of aqueous 
solutions in order to include the modern method of computing 
and correlating the results of experimental investigations in this 
field. The chapter on enthalpy changes accompanying chemical 
reactions also attempts to present some of the more recent 
experimental and theoretical developments in this very impor- 
tant branch of thermodynamics. 

Since the more useful thermodynamic functions of a system 
may be computed from a knowledge of (1) the heat capacities 
of the individual components of the system between the absolute 
zero and the temperature in question, (2) the enthalpy changes 
accompanying changes in state occurring between these two 
temperatures, and (3) the standard heats of formation of each 
component at some definite temperature, an effort has been made 
to include all useful theoretical or empirical procedures avail- 
able for estimating any of these functions, as well as entropies. 
The use of molecular structure and spectroscopic data for the 
computation of thermodynamic functions is discussed in 
some detail. These methods are presented in Chaps. VII and 
VIII. 

The absence of special treatment of PVT (equation of state) 
data for pure liquids and gases and PFT-composition data for 
solutions may be considered unfortunate. The omission is due, 
however, to the fact that comprehensive treatments of the 
subject for pure components are available in several books, 
whereas the treatment of multicomponent systems is still largely 
empirical. A number of problems involving the use of different 
equations of state and correlations of thermodynamic functions 
in terms of the reduced temperature and pressure are presented 
throughout the text. 

2. Fundamental Concepts. — ^The following discussion is con- 
cerned chiefly with the definition of four fundamental ther- 
modynamic functions of particular interest to the chemist. 
Subsequent applications of 'these functions will do more toward 
clarifying their significance than many pages of descriptive 
matter. 
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a. Energy , — When a quantity of heat Q is absorbed by a 
system at the same time the system performs a quantity of work 
W against mechanical, gravitational, electrical, or magnetic 
forces, the increase in energy of the system in passing from the 
initial state (1) to the final state (2) is given by the relation 

AE =^Q-W =^E^- El. (1.1) 

This statement serves simultaneously as the definition of energy 
and as the first law of thermodynamics. Energy is a function 
of the state of the bystem only. In most thermochemical 
considerations the work done on or by the system is mechanical, 
and, if reversible, is given by the expression 

W = f^"PdV ( 1 . 2 ) 

where P and V represent the pressure and volume of the system, 
respectively. 

A system is said to undergo a reversible process when it can be 
restored to its initial state without producing any resultant 
change in the conditions that originally existed in the surround- 
ings. For the process to occur reversibly, it is necessary that no 
sensible temperature, pressure, concentration, or potential 
gradients occur at any stage of the process. 

h. Enthalpy or Heat Content , — Substituting Eq. (1.2) in (1.1) 
and integrating for a constant-pressure process yield the relation 

Q ^ E^ - El + P(72 - Fi) = Ps + PV 2 

^{Ei + PVi). (1.3) 

Thus, if the function of the state of the system represented by 
E + PV is called the enthalpy or heat content then the 
increase in enthalpy experienced by the system in passing from 
state (1) to state (2), under constant pressure, equals the heat 
absorbed by the system. In general, the increase in enthalpy 
for processes occurring under any conditions of temperature and 
pressure is given by the equation 

AH ^ AE + A(P7). (1.4) 

c. Entropy , — When a quantity of heat dQ is absorbed at the 
absolute temperature T, under reversible conditions, the increase 
in entropy is given by the relation 
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dS = (1.5) 

For any spontaneously occurring process 

dS > (1.6) 

and for a nonspontaneous process 

dS<^- (1.7) 

As in the case of energy and enthalpy, entropy is a point func- 
tion, i,e., it depends only on the state of the system. 

Equations (1.5) to (1.7) constitute one mode of expressing the 
second law of thermodynamics. In its most generally useful 
form, this law states : A process in which the final result is only a 
transformation of heat into work is an impossibility. Although the 
equivalence of these two statements of the second law is not 
obvious^ a clear, elementary discussion of the equivalence may be 
found on pages 105-115 of Noyes and Sherrill.^ 

Substituting Eq. (1.5) in Eq. (1.1) gives the following com- 
bined statement of the first and second laws for an infinitesimal, 
reversible process involving mechanical work only: 

dE = TdS - PdV, (1,8) 

d. Free Energy . — Still another function of the state of a system 
exists which is of major interest to the chemist, since it permits 
the prediction of equilibrium conditions for physical and chemical 
changes. It represents the maximum nonmechanical ^ work 
theoretically obtainable from processes occurring at constant 
temperature and pressure. This function is called the “free 
energy.” The increase in free energy in going from the initial 
to the final state of the system is given by the equation 

AF = Aff - TAS. . ' (1.9) 

The quantity TAS is sometimes called the “irreversible energy,” 
sometimes the “reversible heat,” and sometimes the “latent 
heat” of the process. Actually, it represents the heat that must 
be absorbed or given up to the surroundings during the reversible 
* ^ See corresponding item in References at end of this chapter. 
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process, which 3 delds the free-energy change AF , in order to 
maintain isothermal conditions. It should be noted that the 
LH of a process is related to the entropy change through Eq. 
(1.9), and that the enthalpy change divided by the temperature is 
equal to A>S only when AF equals zero. 

Although chemists and engineers are occasionally interested in 
computing the maximum amount of useful work obtainable from 
a cell reaction, or the minimum amount of energy required to 
effectuate a definite cell process, the principal use of data on 
free-energy changes is for the computation of equilibrium con- 
stants jF, by means of the relation 

AF° = -RTlnK, (1.10) 

As the process of developing the numerical application of this 
relation to concrete problems becomes clearer, it will be noticed 
that the problem of computing K under any set of conditions 
resolves itself into the evaluation of the three items mentioned 
in the next to the last paragraph of Sec. 1. Although in some 
cases the procedure may be varied somewhat, the present trend 
in experimental thermodynamics is in the direction of the 
development of more and better values for heats of formation 
and entropies of substances from measured or computed heat 
capacities. 

Further interpretation of the significance of the above functions 
will be reserved for the chapters dealing with the use of these and 
derived relations for the solution of definite thermochemical 
problems. It should be emphasized at the outset that correct 
formal application of sound thermochemical data does not 
guarantee results capable of being checked in either the labora- 
tory or the plant. A thoroughgoing qualitative knowledge of 
the chemistry of the main reactions involved, as well as possible 
secondary reactions, should be established in advance of any 
attempt to derive a quantitative picture of the system, if signifi- 
cant results are to be obtained. Furthermore, a preliminary 
qualitative picture of the thermal stability of the various reactants 
and products is highly important, since, at elevated temperatures, 
compounds possessing positive free energies of formation may or 
may not tend to decompose into their constituent elements. For 
example, thermodynamics predicts that such compounds as 
benzene and hydrogen cyanide should be entirely decomposed 
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into the elements under the conditions of most reactions involving 
these substances. That such is not the case is due, of course, to 
the inability of thermodynamics to predict the rate at which a 
system wdll attain a definite possible level of stability, and which 
level will be ultimately reached within a reasonable period of 
laboratory observations or plant operations. Frequently, the 
ultimate level of stability attained may depend on the presence 
or absence of various catalytic substances from the s^^stem; 
hence, the need for the judicious use of old-fashioned textbooks 
of chemistry, along with correct thermodynamic treatment, is 
apparent. 

3. Definitions of Units. — The definitions of some of the more 
common units employed throughout the text are given below for 
convenience : 

а. The dyne is the unit of force that will impart to a freely 
moving mass of one gram an acceleration of one centimeter per 
second per second. 

б. The erg is the work done by a force of one dyne, acting 
through a distance of one centimeter. 

c. One joule equals 10^ ergs. The product of absolute amperes 
by absolute volts by seconds gives the energy expended in an 
electrical circuit in absolute joules. 

d. One 15"^ calorie (cal.) equals 4.185 absolute joules equals 
4.1833 international joules. Since the heat capacity of water^ 
in the interval 15 to 16°C. equals 4.185 absolute joules per degree 
centigrade per gram, the calorie represents the heat required to 
raise one gram of water one °C. in this interval. The maximum 
variation in the heat capacity of water from this value, in the 
range 0 to 100°C., is less than 0.8 per cent. 

e. The international steam-table calorie (It. cal.) equals 
international watt-hours. 

/. The centigrade heat unit (C.h.u.) equals the heat required to 
raise one pound of water one degree centigrade, or 453.6 calories. 
This unit is also called the pound centigrade unit. 

g. The British thermal unit (B.t.u.) equals the heat required to 
raise one pound of water one degree Fahrenheit, or 252 calories, or 
778.3 foot-pounds. 

h. The gas constant R has the following values in various 
systems of units (unless otherwise specified, the gram mole is 
understood) : 
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Units 

Joules per mole per degree centigrade 

Calories per mole per degree centigrade 

B.t.u. per pound mole per degree Fahrenheit. 


R 

8 314 
1.987 
1.987 


Liter-atmospheres per mole per degree centigrade 0 08205 
Cubic feet-atmospheres per pound mole per 

degree centigrade 1 31o 

Foot-pounds per pound mole per degree Fahren- 
heit * 1,543 

Foot-pounds per pound mole per degree centi- 
grade ^ 

i. The favaday constant (F) equals the quantity of electricity 
required to precipitate one gram mole of a singly charged ion, or 
96,494 coulombs. 

j. The volt equivalent equals the energy change associated with 
the transfer of one gram mole of singly charged ions through a 
potential difference of one volt, or 23,066 calories. 

k. The freezing point of water on the absolute centigrade scale 
w ill be taken equal to 273. although, the value 273.16 K. is 
undoubtedly more accurate. This choice is based on the fact 
that the bulk of the best critical thermodynamic data, particularly 
the compilations of K. K. Kelley, arc referred to 273.1 K. 

In general, the nomenclature of Lewis and Kandalh has been 
employed throughout the text. The symbols Z, g, and c have 
been used to designate the liquid, gaseous, and macrocrystalline 
states, respectively. In view of the fact that the treatise on 
thermodynamics by Lewis and Randall and the compilation of 
thermochemical data by Bichowsky and Rossini® are cited so 
frequently, the abbreviations L-R and B-R, respectively, have 
been used to designate these references. 
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CHAPTER II 


THERMAL EFFECTS ACCOMPANYING PHYSICAL 
CHANGES OF STATE 

1. Heat Capacities at Constant Volume. — From the statement 
of the first law of thermodynamics in the form that 

AE ^ Q - W = Q - PdV, (2.1) 

it follows that TF = 0 for any process occurring at constant 
volume and, therefore, the heat absorbed equals the increase in 
internal energy of the system. The limit of the ratio of the 
increase in internal energy of the system to the corresponding 
increase in temperature accompanying an infinitesimal absorption 
of heat is called the ^'heat capacity at constant volume''; thus 

( 2 . 2 ) 

Obviously, the rnagnitude of Cv will depend on the quantity of 
material considered. When dealing with a unit weight of a 
substance, small c is employed; and this ratio is then called the 
^'specific heat." Capital C is used to designate the heat capacity 
of the gram or pound mole of a substance. Since most actual 
processes are carried out under constant pressure, the heat 
capacities at constant pressure possess greater usefulness than 
those at constant volume. 

2. Heat Capacities at Constant Pressure. — From the equation 
defining the increase in enthalpy for processes taking place at 
constant pressure, 

AE = AB + A(PV) AE+ PA 7, ' (2.3) 

and the first law, it follows that 

AH ^ Q; (2.4) 

consequently the increase in heat content equals the heat 
absorbed at constant pressure. The limit of the ratio of tTie 

11 



12 


PRINCIPLES 


[Chap. II 


increase in heat content of the system to the corresponding 
increase in temperature for an infinitesimal absorption of heat 
under these conditions is called the “heat capacity at constant 
pressure” and is defined by the equation 

C. - §■ (2.5) 


Equation (2.5) will be found essential in the solution of such 
diverse problems as the calculation of pressure drops in fluid-flow 
considerations, the design of heat interchangers for heating or 
cooling reaction mixtures, the prediction of the variation of 
theoretical reaction conversions with temperature, the variation 
of heats of physical and chemical changes with temperature, and 
the computation of theoretical maximum flame temperatures 
attainable by the combustion of gases of known composition. 

3. Heat Capacities of Gases. — At pressures not much greater 
than atmospheric most gases behave in accordance with the 
equation 

PV ^ RT, (2.6) 

and a simple relation may then be shown to exist between the 
molar-heat capacities at constant volume and constant pressure. 
By substituting RT for PF in the equation defining enthalpy, 
differentiating with respect to T, and substituting Eqs. (2.2) and 
(2.5) for the differential coefficients, the relation 


^ R (2.7) 

is obtained. 

On the basis of old-fashioned kinetic theory, gas molecules 
resemble rigid dumbbells or spheres, possessing three translational 
degrees of freedom in the :r-, y-, ^-directions, plus two (linear 
molecules) or three rotational degrees of freedom, corresponding 
to rotation about principal axes at the center of gravity of the 
molecule. According to the principle of equipartition of energy, 
the average kinetic energy associated with each degree of freedom 
is RT/2 per mole, and the heat capacity associated with each 
degree of freedom is P/2. On this basis, the molar-heat capacity 
of gases should be independent of temperature. For diatomic 
or linear molecules the molar-heat capacity is 


Cp ~ 5 



+ P = 6.96 cal./(g. mole) (deg, C.); 


( 2 . 8 ) 
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and for polyatomic molecules with three rotational degrees of 
freedom 

C, = 6 (I) + = 7.95 cal./(g. mole) (deg. C.). (2.9) 

Actually, it is found that, except for low temperatures, these 
values represent lower limits to the heat capacities, and that the 
observed heat capacities increase regularly with temperature, in 
accordance with the equation 

a + hT + cT% (2.10) 

or, as suggested by Kelley,^ 

C^ = a + bT - cT-K (2.11) 

Furthermore, it has been found that only the heat capacities of 
monatomic gases conform to these simple considerations, and 
sometimes, as in the case of gaseous metallic atoms at elevated 
temperatures, predicted values may be exceeded. For mona- 
tomic gases possessing no rotational degrees of freedom, 



+ R = 4.97 cal./(g. mole) (deg. C.). 


( 2 . 12 ) 


Since, at most temperatures, the actual heat capacities are 
greater than the values predicted by simple equipartition theory, 
it must be concluded that molecules have internal degrees of 
freedom that contribute to the total heat capacity, as well as 
translational and rotational degrees of freedom. These addi- 
tional degrees of freedom are known to reside in the internal 
vibrations of the constituent atoms of the molecule, in the internal 
rotations of groups of atoms about single bonds joining these 
groups, and in the motions of the extranuclear electrons sur- 
rounding the nuclei of the constituent atoms. For all practical 
purposes the heat capacity associated with translational and 
external rotational degrees of freedom may be assumed equal 
to the equipartition value for all but very low temperatures; 
consequently, fairly accurate heat capacities may be computed 
by adding the contributions from these internal degrees of 
freedom to the appropriate Eq. (2.8), (2.9), or (2.12). Since 
these internal degrees of freedom can possess energy only in 
definite, discrete (quantized) values, the theoretical computation 
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of heat capacities, and other thermodynamic functions of such 
systems, requires special statistical mechanical application of 
data, usually obtained from spectroscopic studies. The method 
of utilizing such data for thermodynamic purposes will be 
discussed in Chap. VII. 

For the reader's convenience, Appendix I contains a number of 
equations expressing molar-heat capacities as a function of the 
absolute temperature for some of the more common gases. Since 
most textbooks express heat capacities as a simple power series in 
T [Eq. (2.10)], and Kelley^ finds that experimental data fit an 
equation of the form of (2.11) more closely, both equations are 
given when available. 

4. Heat Capacities of Solids. — No simple, adequate theory 
exists for computing heat capacities of solid substances. In the 
case of solid elements, the classical equipartition principle predicts 
an average kinetic energy of RT/2 associated with each of the 
three degrees of translational freedom, plus an equal amount of 
potential energy due to displacements of the atoms from their 
equilibrium positions in the lattice. Thus the heat capacity at 
constant volume should equal 

a = 3 (^1) + 3 = 5.96 cal./(g. mole) (deg. C.). (2.13) 

As a matter of experimental fact, most solid elements, with the 
exception of highly electropositive elements, approach this value 
at high temperatures. For compound substances it is customary 
to assume, as a* rough approximation, that each atom has its 
equipartition value; thus, the molar-heat capacity equals 5.967Z, 
where n is the number of atoms in the molecule. For solids, the 
heat capacity at constant pressure may be computed from the 
constant-volume value by means of the equation, 

Cp ~ a = (2.14) 

where a = coefficient of thermal expansion, 

^ = coefficient of compressibility. 

V — molar volume. 

Since this difference is usually less than 0.5 cal./g. atom near 
room temperature, the molar-heat capacity at constant pressure 
is computed as 6.2n (Kopp's law). Experimental results indi- 
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cate that, in computing the heat capacities of solidp containing 
these elements, the following average values should be assigned: 
C = 1.8, H = 2.3, B = 2.7, Si = 3.8, 0 = 4.0, F = 5.0, P = 5.4, 
and S = 5.4. 

It mil be noted that the classical equipartition theory predicts 
values of Cv for solids, which should be independent of tempera- 
ture. At ordinary temperatures this is approximately the case; 
at low temperatures the heat capacities of solids decrease rapidly 
with decreasing temperature. In an attempt to evolve a more 
realistic theory of specific heats of solids, Debye- has treated 
atomic solids as continuous, elastic bodies possessing ZN modes.of 
vibration, corresponding to the usual ZN degrees of freedom of a 
system containing N atoms. The energy content of such a solid 
is obtained by setting up an expression for the number of modes 
of vibration lying in a given frequency range, and assigning to 
each mode the Einstein value for the average energy of a quantized 
harmonic oscillator of frequency v, and integrating over the 
volume of the solid from zero to a maximum frequency deter- 
mined by the elastic properties of the solid. 

The heat capacities predicted by this theory become propor- 
tional to the cube of the absolute temperatures at low tempera- 
tures and are equal to the equipartition value 3J2 (law of Dulong 
and Petit) at high temperatures — ^in agreement with experiment. 
The energy content and heat capacity of a Debye solid become a 
function of a single parameter called the '^characteristic tem- 
perature,^^ which is best determined by a reliable heat-capacity 
measurement at a temperature so low that the heat capacity of 
the solid has fallen to about half the equipartition value. Having 
once determined dj>, the heat-capacity curve may then be computed 
down to the absolute zero with the help of tables of Debye 
functions. Unfortunately, the Debye theory can be applied 
accurately only to atomic solids; and it is employed chiefly as a 
tool for extrapolating heat capacities measured in a convenient 
experimental region down to very low, inaccessible temperatures. 
Modiflcations of the Debye theory, developed by Nernst and by 
Born and vonKdrmd,n, are useful in estimating the heat capacities 
and entropies of compound substances. These methods wiU be 
discussed in Chap. VII. 

6. Heat Capacities of Liqxxids. — Developments in the theory 
of the liquid state by Eyring and others^ have not reached a stage 
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where it is possible to predict heat capacities of liquids. In 
general, the experimental results indicate that the heat capacity 
of a substance in the liquid state is somewhat greater than in the 
solid state. Accordingly, where actual measured values are not 
available, it will be convenient to assume the heat capacity 
at constant pressure equal to 8 eal./(g. atom) (deg.) in the liquid 
state. Molar-heat capacities may then be taken equal to 8n, 
where n represents the number of atoms in the molecule. Mole- 
cules containing the following atoms should be modified as 
follows: C - 2.8, H = 4.3, B = 4.7, Si - 5.8, 0 = 6.0, F =- 7.0, 
P = 7.4, and S = 7.4. 

The heat capacities of liquid solutions are not, in general, 
related in a simple manner to the heat capacities of the pure 
components. The heat capacity of a binary solution may be 
computed from the relation (L-R, p. 83), 

Cp == niCp^ + (2.15) 

w^here rii and represent the moles of components 1 and 2, 
respectively, and the partial molar-heat capacities are defined by 
the equations 

and (2.16) 

That is, the partial molar-heat capacity of component 1 represents 
the increase in heat capacity of the solution per mole of com- 
ponent 1, accompanying the addition of an infinitesimal quantity 
of 1 — all other variables remaining constant. Lewis and Randall 
(L-R, p. 36) describe four different methods for evaluating 
partial molar quantities from the observed dependence of that 
property on concentration. A few binary solutions exist for 
which the heat capacity is a simple linear function of the molar- 
heat capacity of the pure components, as expressed by the 
equation (so-called ideal solutions^') 

Cp - N,Cp^ + N^Cp^, ( 2 . 17 ) 

where the M’s represent mole fractions. 

Dilute solutions of nonelectrolytes in water, such as urea, 
dextrose, and glycerin, obey this relation fairly well; but such 
cases are the exception rather than the rule. In the case of solu- 
tions of electrolytes in water, the heat capacities are usually less 
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than that of pure water. When actual experimental data are 
lacking for dilute aqueous solutions of electrol 3 "tes, the heat 
capacity per gram ma}^ be estimated by taking the specific heat 
equal to the weight fraction of H 2 O in the solution. For example, 
the specific heat of a 21.6 weight-per cent solution of NaCl in 
water at 25°C. is 0.806 cal./deg., 'whereas this rule would give a 
value of 0.784. A more extensive treatment of the heat capacities 
of aqueous solutions is presented in Chap. Ill, in the discussion 
of the closely related subject of heats of solution. 

6. Calculation of Heat Required for Preheating Reactants. 
Illustration 1. — Metallic chromium may be recovered from 
chromite ore by treatment with CI2, followed by separation of 
the iron and chromic chlorides by distillation, and the reduction 
of the chromic chloride 'with hydrogen. Assuming that the 
over-all result of the reduction treatment is represented by the 
equation 

CrCl3(c) + MHs - Cr(c) + 3HCI, 

and that this reaction proceeds at a practical rate at 900°C., 
what is the minimum quantity of heat required per ton of 
chromium in order to preheat the reactants to 900°C. ? Assume 
that the reaction could be carried out in a continuous counter- 
current reactor 'vvfith 50 per cent eflicient utilization of the H 2 . 

Solution . — Neglecting heat losses, the minimum heat required 
for the preheating operation under 1 atm. pressure is the increase 
in enthalpy of the reactants when heated from ordinary tem- 
perature (25°C.) to the reaction temperature (900°C.). 

Pound moles of Cr required == = 38.4 

= pound moles, CrCls. 

Pound moles of H 2 required = (2) (1.5) (38.4) = 115.2 lb. moles. 
The heat capacity of H 2 , as given by Kelley,^ is 

Cp - 6.62 + 0.81 • lO-^r. 

Unpublished data cited by Doerner^ for the heat capacity of 
solid CrCls may be employed: 

Cp = 19.44 + 7.03 • lO-^T. 

Hence the centigrade heat units required to raise 38.4 lb. moles 
of CrCls, plus 115.2 lb. moles H 2 , to 900"C. will be 
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AH = 38.4 (19.44 + 7.03 • lQ-^T)dT 

+ 115.2 (6.62 + 0.81 • W-^T)dT. 

‘ J298 

AH = 38.4(21,540) + 115.2(6,325) 

= 1.56 * 10® C.h.u. per ton Cr. 


7. The Effect of Pressure on Enthalpy.— The change of 
enthalpy with pressure naay be computed from the equation 
(L-R, p. 134) 


where a is the coefBcient of thermal expansion. For gases under 
moderate pressure Berthelot's equation may be used in order to 
integrate this equation. Differentiation of the equation 


PV = RT 


1 + 


9 PTc 

128 PcT 


0 



(2.19) 


and substitution in (2.18) yield the following equation for com- 
puting the increment in heat content when a gas is subjected 
to the pressure P, 


E.-Hx^ 


mPc 

128P. 


(^1 - 18 (P - 1). (2.20) 


In this equation, Hi represents the enthalpy at 1 atm., Hp the 
enthalpy at the pressure P, and P<, and To are the critical con- 
stants of the gas in question. 

Values computed from Eq. (2.20) should not be treated as more 
than rough, informative estimates. At high pressures, specific 
PVT data should be employed in solving (2.18). For example, 
Hp — Hi may be accurately computed by plotting F(1 — aT) 
vs. P and measuring the area under the curve so produced 
between the desired pressure limits. 

The change of heat content of liquids with pressure may also 
be computed from Eq. (2.18). However, owing to the small 
coefBcient of thermal expansion of liquids compared to gases, the 
effect may usually be neglected, except for liquids near the critical 
region. 

8. The Effect of Pressure on Heat Capacity. — ^Lewis and 
Randall (L-R, p. 141) give the following equation for the depend- 
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ence of Cp on pressure at constant temperature: 

\dP )t \dT^)p 

This equation may readily be derived from the definition of Cp 
and Eq. (2.18). If the gas obeys the ideal gas law in the pressure 
range of interest, the right-hand side of (2.21) equals zero and the 
molar-heat capacity is independent of pressure. However, even 
the so-called permanent'^ gases exhibit deviations from the 
ideal behavior at very high pressures; in this case, an increase 
in Cp is to be expected. For example, Krase and Mackey^ 
measured the molar-heat capacity at constant pressure oi N 2 and 
found 9.12 cal./deg. at 500 atm. and 30°C., which compares with 
the value 6.97 at 1 atm. and 30°C. When equation of state data 
are available for integrating Eq. (2.21), it should be remembered 
that, if the volume is expressed in liters and the pressure in 
atmospheres, the heat capacity will be expressed in liter-atmos- 
pheres per degree, and may be converted to calories per degree 
by multiplying by 24.21. 

9. The Heat Capacity of Gaseous Carbon Dioxide under 
Pressure. Illustration 2. — The molar-heat capacity of CO 2 ; at 
ordinary pressures, is expressed by the equation 

Cp - 10.34 + 2.74 • 10-^T - 1.955 • (2.22) 

For heat interchange calculations on a certain process utilizing 
CO 2 at pressures around 50 atm., an estimate of the increase in 
heat capacity of the CO 2 would be useful in the temperature range 
100 to SOO'^^C. 

Solution . — ^The Berthelot equation of state may be employed 
with fair accuracy at these pressures in order to solve the problem. 
Successive differentiation of Eq. (2.19) yields 
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( 2 . 21 ) 


'dW\ _ 324 RTc^ 
pT^Jp 12s PcT^' 


(2.23) 


where Pc and Tc are the critical pressure and critical temperature, 
respectively. Substituting Eq. (2.23) in (2.21) and integrating 
yield 




1 ), 


(2.24) 
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where Cp represents the molar-heat capacity at constant pressure, 
at the pressure P, and Gp^ represents the heat capacity around 
1 atm. The heat capacity is practically independent of pressure 
at about 1 atm. Substituting 

T = 373°K. Pc = 73 atm. 

Tc = 304.2°K. P = 50 atm. 

in Eq. (2.24) indicates an increase of 1.83 cal. in the molar-heat 
capacity, at lOO^C. and 50 atm., over the value at ordinary 
pressures. From Eq. (2.22) Cp, at 100^, equals 9.94 j hence the 
estimated pressure increase corresponds to 18.4 per cent of the 
ordinary value. The computed increase is probably on the low 
side. 

10. Enthalpy Changes Accompanying Changes in State of 
Aggregation of Matter. — The correct evaluation of the heat 
content of a system, under any conditions of temperature and 
pressure, requires, in addition to data on the heat capacities of 
the components of the system, a knowledge of the heat effects 
accompanying vaporization, fusion, and crystallographic transi- 
tions, experienced by the system in reaching the state in question. 
Enthalpy changes accompanying solution and chemical reactions 
are discussed under separate headings in subsequent chapters. 

11. Heats of Vaporization. — A molecule in the liquid state 
possesses kinetic energy of translation associated with the motion 
of its center of gravity, plus kinetic energy of rotation about axes at 
the center of gravity, as well as energy associated with various 
internal degrees of freedom of the molecule. Owing to their close 
proximity to each other in the liquid state, molecules also possess 
considerable potential energy, arising from the action of various 
types of intermolecular forces — forces that tend to restrict 
movements of the molecules. This term is obviously a function 
of distances between centers of molecules and orientations of 
molecules. When a molecule acquires sufficient kinetic energy 
of translation to overcome the restraining influences of the 
intermolecular forces acting at the surface of the liquid, plus 
the energy required to overcome the pressure of the atmosphere 
on the liquid, the molecule vaporizes; and the heat absorption 
involved in the vaporization of 1 mole is called the '^heat of 
vaporization.” The term, heat of vaporization, usually signifies 
the heat absorbed per mole when the vapor pressure of the liquid 
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equals 1 atm., i.e., vaporization at the normal boiling point. 
Very often heats of vaporization at other temperatures and 
pressures are of interest; in this case, it is necessary to specify the 
temperature corresponding to the value of the heat of vaporiza- 
tion emplo 3 "ed. 

Given the heat of vaporization of a liquid at the normal boiling 
point, the AiJ for any other temperature may readily be computed 
by means of the equation 


dim ^ ^ 
dT 


(2.25) 


(L-R, p. 102), where Aff represents the heat effect accompanying 
the change in state, 

1 mole liquid == 1 mole vapor. 

LCp equals the heat capacity of 1 mole of vapor, minus the heat 
capacity of 1 mole of liquid. This relation holds at constant 
pressure. Since the heat capacity in the liquid state is greater 
than in the gaseous state, ACp is negative; consequently, the 
heat of vaporization decreases with increasing temperature. 
For example, the average heat capacity of H20(^) is about 
8.3 cal./deg. from 25 to 100®C.; therefore, 

ACp = 8.3 — 18.0 = —9.7 cal./deg. 

for the vaporization of 1 mole of water. Consequently the heat 
of vaporization at 25° should be about (9.7) (75) = 727 cal. 
greater than AH at 100°C. Actually, the molar heat of vaporiza- 
tion of H 2 O, at about 25°C,, at its saturation vapor pressure, is 
about 795 cal. greater than the value at 100°C.® 

Guggenheim^ has pointed out that, in order to obtain the tem- 
perature coefficients of heats of vaporization, the Kirchhoff 
equation may not be applied directly, because the process of 
reversible evaporation at two different temperatures takes place 
neither between the same volume limits, nor at the same pressure. 
Thus the correct equation to be employed for calculating the 
temperature coefficient of heats of vaporization is 


(2.26) 



22 


PRINCIPLES 


[Chap. II 


in which heat capacities neither at constant volume nor at con- 
stant pressure can be used, but the heat capacities at the satura- 
tion vapor pressure, under which the transformation occurs. 
ACeq is, therefore, the difference between the molar-heat capacity 
at the saturation pressure of the vapor and the corresponding 
heat capacity of the liquid. The heat capacity of either phase 
at saturation is related to the usual heat capacity at constant 
pressure by the equation 

c,. = c.-(g),(4f} (2.27) 

If the vapor is a perfect gas and the volume of the liquid negligible 
compared to the vapor volume, Eq. (2.26) reduces to the approxi- 
mate form (2.25). 

A number of empirical rules have been advanced for estimating 
heats of vaporization. According to Trouton^s rule, the molar 
heat of vaporization at the normal boiling point equals approxi- 
mately 20.7 times the boiling temperature in degrees Kelvin for 
a large class of liquids. This rule is quite satisfactory for liquids 
in which the intermolecular forces are of the simple van der 
Waals type. Where the energy associated with intermolecular 
forces is augmented by the presence of dipole-dipole interactions, 
as in polar liquids, or by the presence of hydrogen bonds, as in 
liquids containing the OH or NH group, it has been found that the 
AH of vaporization is considerably larger than the value pre- 
dicted by Trouton^s rule. Trouton^s constant for water equals 
26.0. 

Hildebrand has proposed a rule theoretically more sound 
than Trouton^s rule, which states that all liquids of the nonpolar 
type have practically the same ratio of heat of vaporization to 
absolute temperature when compared at ‘temperatures where 
the liquids give the same vapor concentrations. The data in 
Table 1 illustrate the degree of constancy obtained when the ratio 
of the heat of vaporization to the temperature at which the vapor 
concentration equals 0.005 mole/liter is computed. 

Data in Table 1 show good constancy of the ratio AH/T for 
a wide variety of substances, with the exception of ammonia and 
ethyl alcohol. Both of these substances are quite polar, and, 
in addition, ethyl alcohol is associated, due to bonds formed 
through the hydroxyl hydrogen. Although this rule possesses 
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considerable value from the standpoint of the interpretation of 
the entropy of vaporization and the prediction of order or 
lack of order in the arrangement of molecules in the liquid state, 
it is not convenient for estimating heats of vaporization for ordi- 
nary thermochemical purposes. When sufficient vapor-pressure 
data are available for locating the temperature at which the vapor 
concentration has some definite value, it is possible and easier, 
to obtain a good estimate for the heat of vaporization from, the 
Clapeyron equation, as described in Chap. V. 

Table 1 


AH/T 

Nitrogen 27.6 

Chlorine 27.8 

Pentane 27.0 

Carbon tetrachloride 27.0 

Benzene - 27.4 

Stannic chloride 27.2 

Mercury 26.2 

Ammonia 32.0 

Ethyl alcohol 33.4 


A somewhat more accurate relation than Trouton’s rule for 
estimating heats of vaporization of nonpolar liquids at the normal 
boiling point is the following equation, due to Kistiakowsky: 

^ = 8.75 + 4.575 log Tb. .. (2.28) 

I B 


12. Heats of Fusion. — A solid substance passes over to the< 
liquid state when it is heated to a temperature such that the 
vibrational motion of the molecules, atoms, or groups of atom^ji 
constituting the structural units, becomes violent enough to, 
overcome the restraining influences of the crystal forces. The 
temperature at which the solid phase is in equilibrium with; the 
liquid phase, under a pressure of 1 atm., is called the melting 
point of the substance. The melting point, unlike the boilifig 
point, is not particularly sensitive to moderate pressure changes. 

In a rough way, the heat required to melt 1 mole of the sul>- 
stance at its melting point (heat of fusion) is a measure of the 
magnitude of these crystal forces and the increased number of 
degrees of freedom or states acquired by the substance on going 
over to the liquid phase. From the standpoint of the latter item, 
it is the ratio of the molar heat of fusion to the melting tempera- 
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ture in degrees absolute — the entropy of fusion — that is more 
significant than the heat of fusion itself. Consequently some 
sort of constancy of entropy of fusion might be expected for solids 
undergoing similar internal processes at the melting point. 

Examination of available data on heats of fusion, in con- 
junction vdth melting points, discloses the following very rough 
generalizations : 

a. For most elements, 



(2.29) 


where AH equals the molar heat of fusion at the melting point 

CK.). 

6 . For most inorganic compounds, 

~ = 5-7. (2.30) 

m 

c. For most organic compounds, 

^ = 9 - 11. (2.31) 

JL ni 


There are many exceptions to the above rules; therefore the 
rules should be used only after the complete absence of all direct 
or indirect experimental data has been definitely established. 
Borne outstanding exceptions to these rules are found in the 
case of N 2 O 4 , for which the entropy of fusion is 13.4 units, and 
HCl and HBr, for which the entropies of fusion are only 3.0‘ 
units. In the case of HCl and HBr, the absence of discon- 
tinuities in the dielectric constant-temperature curve in the 
region of the melting point is regarded as proof that the molecules 
of HCl and HBr are rotating about their centers of gravity in 
the crystal state. Consequently, since the molecules have 
already acquired rotational degrees of freedom characteristic 
of the liquid state, the entropy of fusion is smaller than is to be 
expected for true solid-liquid transitions. In addition to a 
number of inorganic substances exhibiting rotation in the solid 
state, a constantly increasing number of aliphatic and aromatic 
organic compounds are showing dielectric evidence of rotation 
in the solid state. In general, rotation appears to be possible 
in compounds possessing a certain amount of spherical or circular 
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symmetry, and low heats of fusion are, therefore, to be expected 
for such compounds. 

The temperature coeflScient of heat of fusion has been shown 
by Planck^ to be given by the equation 


d(AH) _ AH AH /"din AV\ . 

dT T T {din T )p 

Since the last term on the right side is usually small, 


d(AH) 

dT 


ACp + 


(2.32J 


(2.33) 


13. Heats of Transition. — Many substances, when heated, 
have been found to exhibit regions of isothermal, or substantially 
isothermal, heat absorption without undergoing melting or 
vaporizing. The heat absorption is believed to be due to a change 
in the crystal lattice or the onset of rotation in the crystal. The 
heat absorbed per mole is called the “molar heat of transition. 
Some substances exhibit a series of such transitions — the form 
stable at the lowest temperature being designated by a, the next 
highest, /3, etc. No generalizations can be formulated for 
estimating heats of transition, and, indeed, the existence and 
temperature of a transition are entirely matters of experimental 
knowledge. When the observed entropy of fusion is low, as in 
the case of HCl, a transition might be expected such that the 
entropy of transition, plus fusion, would add up to the more or 
less normal value of 5-7 units. In the case of HCl, the onset of 
rotation is indicated by a transition at 98.4°K., with a heat 
absorption of 284.3 cal. Thus, the transition entropy change is 
2.89 units, and the total transition, plus fusion entropy, is 5.89 
units, in agreement with the above rough generalization for 
inorganic compounds. The estimation of heats of transition is 
hazardous; but, since they are usually small, their importance in 
most thermochemical considerations is correspondingly smalL 
The temperature coefficient of heats of transition may be calcu- 
lated by means of Eq. (2.33). 

The foregoing brief discussion of methods for computing 
enthalpy changes in physical changes of state — with the excep- 
tion of solution — permits the evaluation of the enthalpy of a 
system at any desired temperature, pressure, or state, provided 
that no chemical interaction has occurred. Since absolute 
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values of heat contents ^cannot be evaluated, but only the 
increase in heat content above an arbitrarily chosen zero level, it 
is essential that an unambiguous statement of this level be 
made. As a general rule, the zero level is 0°C. and that form 
of the substance which is stable at 0®. There are numerous 
exceptions to this choice, but as long as the conditions are 
definitely stated, data can be converted from one system to 
another by means of a small additive correction term. Tabula- 
tions of water enthalpies use liquid water at 0®C., under its own 
vapor pressure, as a base level. Water, under 1 atm. pressure, 
at 0°C., possesses 0.441 international steam table calorie of 
enthalpy per mole when referred to this datum. 
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CHAPTER III 


THERMAL EFFECTS ACCOMPANYING SOLUTION 
PROCESSES 

1, Integral and Partial Molar Heats of Solution. — The chemist 
or chemical engineer, dealing with the heat changes accompany- 
ing processes of solution or the reverse, is apt to be confronted 
with one or both of two major types of problems. An example 
of the first kind would be the computation of the total heat 
generated by a given solution process in order that an estimate 
may be made of the heat interchange surface required to keep 
the temperature of the system within certain preassigned limits. 
For example, the problem might be the estimation of the cooling 
requirements for the production of dilute hydrochloric acid by 
burning hydrogen and chlorine, followed by absorption of tSe 
cooled hydrogen chloride gas in water. Obviously, the first 
step in the solution of such’ a problem would be the calculation 
of the total heat generated per unit of HCl by the absorption of 
gaseous HCl in enough water to form a solution of the* desired 
concentration. 

Again, it might be of interest to compute the total heat required 
to concentrate the dilute solution of sodium hydroxide, produced 
by the electrolysis of sodium chloride brines, up to, say, a 50 per 
cent solution. Although this is the reverse of the hydrochloric 
acid example, one of the items required is a knowledge of the 
heat liberated when the necessary amounts of water and salt are 
added to a 50 per cent solution to produce the original dilute so- 
lution. The heats of solution involved in considerations of 
this kind are known as total or integral heats of solutionor dilution. 

The second type of heat effect involved in processes of solution 
is that which determines the temperature coefficient of the free- 
energy changes accompanying the reversible, isothermal transfer 
of the components of a solution between solutions of two different 
concentrations. By means of standard thermodynamic relations 
it is possible to compute the free-energy changes accompanying 

27 
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these transfer processes under isothermal conditions. Since the 
derivation of these free-energy relations requires constancy of 
(Composition of the initial and final states during the process of 
transfer, it is obvious that the corresponding heat effect must also 
correspond to the heat absorption accompanying the transfer 
performed under the same conditions; hence the need for partial 
molar heats of solution. 

That is, the partial molar heat of solution of any given com- 
ponent of a solution, at a definite concentration, is defined as the 
quantity of heat absorbed per mole of substance when dissolved 
under conditions such that the composition of the solution does 
not change appreciably. The direct measurement of this 
quantity may be effected, either by measuring the heat absorbed 
when a very small but definite amount of substance is dissolved 
in a moderate quantity of solution, or by measuring the heat 
effect accompanying the addition of a moderate amount of the 
substance to a very large quantity of solution. Because the 
nomenclature and symbols employed in the thermochemistry 
of solutions are quite elaborate, it would appear that the most 
effective method of presenting the subj ect would be by means of a 
definite illustrative problem. 

2. Partial Molar-heat Capacities and Heat Contents in Hydro- 
chloric Acid Solutions. Illustration . — The absorption of gaseous 
hydrogen chloride at about atmospheric pressure, in water or 
dilute hydrochloric acid, may be used to produce acid approach- 
ing a concentration of about 30 weight per cent. The heat 
generated in the process is considerable; and a knowledge of heat 
capacities and heats of solution is of fundamental importance 
in the computation of adiabatic temperature rises, cooling water 
and heat interchange surface requirements, etc. A summary of 
available data on heat capacities and heat contents of hydro- 
chloric acid solutions, over as wide a range of concentrations as 
possible, is therefore of firsthand importance as a basis for 
engineering design considerations. The information required is 
as follows: 

a. Heat Capacities: 

1. The apparent molar-heat capacities of the HCl: 

2. The partial molar-heat capacities of the HCl: C-p.,. 

3. The relative partial molar-heat capacities of the H 2 O: 
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6. Heats of Solution; 

1. The relative apparent molar-heat contents of the HCl; 

2. The relative partial molar-heat contents of the HCl: 

3. The relative partial molar-heat contents of the H 2 O: 

Hi - 

Solution , — The available data on heat capacities and heat con- 
tents of hydrochloric acid solutions are summarized in four 
papers by Rossini. (See also Sturtevant.®) 

a. Heat Capacities. — Concentrations of aqueous solutions are 
usually expressed in terms of the molality m, which equals the 
moles of solute per kilogram of H 2 O. Accordingly, Eqs. (2.15) 
and (2.16) become 

Cp = niCpi + mCp. = 55.51Cpi + mCp^, (3.1) 


— j and Cp. = 


where Cp, = and Cp. = 

^ dni dm 

In this equation, Cp represents the heat capacity of 1 kg. H 2 O, 
plus m moles of solute; and Cp, and Cp. are the partial molar-heat 
capacities of H 2 O and HCl, respectively. 

A convenient quantity when dealing with the heat capacities of 
aqueous solutions is the apparent molar-heat capacity of the 
solute which is defined by means of the equation 



Thus it can be seen that would be the contribution of 1 mole 
of solute to the heat capacity of the solution, if the contribution 
of the H 2 O were the same as that of pure water. In other 
words, m^c is the difference between the total heat capacity of the 
solution containing m moles of solute and the heat capacity of 
1 ,000 g. water ; it may be positive or negative. When tabulations 
of vs. molality are available, the actual heat capacity per 
gram of solution (specific heat) may be computed from the 
relation 

_ m^c + 1,000 

^ ~ mM + 1 , 000 ’ 

where M is the molecular weight of the solute. 


(3.3) 
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A relatively simple method for computing #c, Cp,, and Cp, — Cp, 
from measurements of total heat capacities has been devised by 
Randall and Rossini.® Rewriting Eq. (3.2) and differentiating 
yield 


Cp, = 


dCp 

dm 


d^c 
’ dm 




(3.4) 


Substituting dm = 2m^d(my‘) in Eq. (3.4) yields 

2 d(mH) ^ 


(3.5) 


Thus the slope of the plot of 4>c vs. multiplied by m^/2 and 
added to the corresponding value of is equal to the partial 
molar-heat capacity of the solute at that molality. It will be 
noted that a plot of vs. m^^ instead of m has been used to 
evaluate Cp,. This is due to the fact that the curvature of most 
thermodynamic ftmctions when plotted against the square root 
of the molality is considerably reduced; in the case of apparent 
molar-heat capacities a practically straight line is obtained, which 
may readily be extrapolated to infinite dilution. 

. Elimination of Cp from Eqs. (3.1) and (3.2) and substitution 
of the value of given by Eq. (3.5), yield the following equa- 
tion for computing the relative partial molar-heat content of 
the water in the solution of molality m: 


r f ° r 1. Ci 

Cp. Op, - 1^ 2 d{m>i)\ 

Equations (3.2), (3.5), and (3.6) constitute the necessary tools for 
cohiputing the three basically important heat capacities of 
aqueous solutions, starting with measurements of the total heat 
capacity 

A careful review of the existing data on HCl and other numer- 
ous strong electrolytes has led Rossini to conclude that the 
apparent heat capacity of the solute may be expressed as a linear 
function of m}^ within the experimental accuracy, in accordance 
with an equation of the form 


(3.7) 

where equals the apparent partial molar-heat capacity of the 
solute at infinite dilution, which is the same thing as the partial 
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molar-heat capacity of the solute at infinite dilution Cp,®. Sub- 
stitution of Eq. (3.7) in (3.5) and (3.6) gives the equations 


Cp: 



+ 

2(Am 


(3.8) 

(3.9) 


Examination of Eqs. (3.7) to (3.9) indicates that, provided 
the m}^ relation holds over the concentration range of interest, it 
is necessary to make only two reliable measurements of the heat 
capacity to determine the two constants, Cp,° and A, of the fore- 
going set of equations, ha order to obtain a complete set of heat- 
capacity data. It is interesting to note that the partial molar- 
teat capacity of the solute is a function of m^, whereas the 
relative partial molar-heat capacity of the solvent is a fimction 
of 

The result of a critical study of the data on hydrochloric acid 
solutions has led Rossini* to deduce the values, —32.5 and 7.2, 
for the two constants, Cp° and A, respectively. Thus, Eqs. 
(3.7) to (3.9) for hydrochloric acid, in the range of concentrations 
from 0 to 16 molal (36.8 per cent), at 26°C., become 


= -32.5 + 7.2m>S (3.10) 

. Cp, = -32.5 -f- (3.11) 

Cp. - = -O.mSrn^K (3.12) 

Heat capacities computed from these equations are in calories per 
degree centigrade per mole. Approximate values for the tem- 
perature coeflScients of these quantities, in the temperature range 
from 10 to SS^C., are 


dGpz 


0.285, 


d(Cp. - Cp°) 
dT 


= 0 . 


(3.13) 

(3.14) 


Equations (3.10) to (3.14) represent the desired correlation of the 
available data on the heat capacities of aqueous solutions of 
hydrochloric acid. 

The method of han dl ing the following experimental data in 
order to obtain Eqs. (3.10) to (3.12) is given below. Observed 
heat capacities (Cp) represent the heat capacities of the system 
containing m moles of solute in 55.51 moles HsO. 
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Temperature = 25°C. 

0 10 0.50 1.00 1.50 2 00 

996 965 986.02 974.31 964.045 954.98 

Values of the apparent molar-heat capacity (#«) of the HCl are 
first computed from the above values of Cj, and Eq. (3.2). These 
values are then plotted against the square root of the molality 
and, as shown on Fig. 1, a straight line is obtained with an 



Fig. 1. — Apparent molar-heat capacities of HCl in aqueous solutions at 25°C. 

intercept on the ?/-axis equal to —32.5. This corresponds to^the 
partial molar-heat capacity of the HCl at infinite dilution . 
The slope of the curve may readily be found to be 

equal to 7 . 2 ( 24 ) from this plot, and, accordingly, values of Cp. 
for the different molalities are computed from Eq. (3.5); corre- 
sponding values of Cp^ — Cp^"" are computed from Eq. (3.6). 
Computed values of <i>c, Cp,, and Cp^ — corresponding to the 
above values of (7p, are recorded in Table 1. Equations (3.10) to 
(3.12) are readily set up by using the graphically determined 
values of Cp,® and 24. 
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Table 1. — Heat Capacities in Dilute Aqueous HCl Solutions at 25°C. 
[Cal. /(mole) (deg. C.)] 


m, moles HCl 
per kilogram 
HoO 


Cpj cal. per 
(55.51+ w) 
moles 
solution 


i 

i 

Cp 

■^2 


0.10 

0.316 

996.965 

-30.35 

-29.21 

-0.00203 

0.50 

0.707 

986.020 

-27.96 

-25 41 

-0 0229 

1.00 

1.000 

974.310 

-25.69 

-22.09 

-0.0648 

1.50 

1.225 

964.045 

-23.97 

-19.56 

-0 119 

2.00 

1.414 

954.980 

-22.51 

-17.41 

-0.183 


6. Heats of Solution. — Just as the heat capacity of a pure 
substance at constant pressure is defined by means of the equation 

n 

~ dT’ 

so the partial molar-heat capacity of any given component of a 
solution is defined by means of the equation 

r 

Op. - 

where the partial molar-heat content is defined by the equation 


\oni/n,P,T 


( 3 . 15 ) 


The partial molar-heat content of each'component of the solution 
is defined analogously to the partial molar-heat capacity. That 
is, Hi represents the increase in heat content of the solution per 
mole of the ^th component, accompanjdng the addition of an 
infinitesimal quantity of i to the solution — all other variables 
remaining constant. The total heat content of a binary solution 
is, therefore, 

H = n,Hi + nsHo, ( 3 . 16 ) 

or, in the case of aqueous solutions with concentrations expressed 
in terms of molalities , 

H = 55.5IH1 + mH^, 


( 3 . 17 ) 
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The apparent molar-heat content of the solute is defined by an 
equation analogous to Eq. (3.2) ; thus, 

. H - ( 3 . 18 ) 

m 

where Hi equals the partial molar-heat content of the water in 
the infinitely dilute solution. That is, the apparent molar-heat 
content of the solute would be the contribution of 1 mole of solute 
to the heat content of the solution if the contribution of the 
water were the same as that of the pure water. At infinite 
dilution the apparent molar-heat content of the solute becomes 
equal to the true partial molar-heat content of the solute; hence 

(3.19) 

In the compilations of heats of formation of substances in 
aqueous solutions given in I.C.T., Vol. 5, and Bichowsky and 
Rossini,^ concentrations are usually expressed as moles of H 2 O 
per mole of solute; that is, the expression HCITOOH 2 O signifies a 
solution containing 1 mole of HCl/lOO moles H 2 O, which is equal 
to a molality of 0.555. The reader should, therefore, become 
accustomed to using heats of solution data in both forins. 

As a starting point for the evaluation of heat of solution data^ 
suppose it is desired to compute the change in enthalpy or heat 
absorbed when a solution of concentration, say, E[Cl*50H2O, is 
diluted down to a concentration, HCMOOH 2 O. The change of 
state involved may be expressed by means of the equation 

HCh50H2O + 5 OH 2 O = HCMOOH 2 O. (3.20) 

If we consider the processes represented by the two following 
equations, it is obvious that the sum of these two equations is 
equal to the process expressed by Eq. (3.20) : 

HCbSOHsO + («^ - 50)H20 = HC1-OOH20, (3.21) 
HChooHsO = HCMOOH 2 O + (00 - 100)H20. (3.22) 

Thus, if the total heats absorbed when the solutions HC1-50H2O 
and HCMOOH 2 O are diluted down to infinite dilution are known, 
the enthalpy change corresponding to Eq. (3.20) may be com- 
puted from the relation 


AiTlOO— 50 — AiJgo— 50 100, 
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where Ai^ioo_ 5 o and represent the heat changes accom- 

panying reactions (3.20) and (3.21), as written, and AH^^ioo is 
the heat change accompanying the reverse of (3.22). Similarly, 
the AH accompanying the dilution of HCMOOHoO down to 
HChSOOHoO may be computed from the relation 

AHooo—ioq == AH ^^100 — AiT<jo_5oo. 

It may, therefore, be seen that, if the total heat effect accom- 
panying the dilution of solutions of definite concentrations down 
to infinite dilution is known, it is a relatively simple process 
to compute the heats of dilution between any other pairs of con- 
centrations of possible interest. 

It is also possible, as the following development will show, to 
compute the partial molar heats of solution necessary for dealing 
with the reversible, isothermal transfer of matter between solu- 
tions of different concentrations. 

The AH corresponding to the process, 

HCl-niHaO + (°o - nOHsO == HCl-coHsO, (3.23) 
is 

AH = H^ + ooHi° - (ooHi° - niHi° + H 2 + riiFi), (3.24) 
or 

AH = 52° - H 2 + ni(Hi^ - Hi). (3.25) 

In terms of the apparent molar-heat content of the HCl [Eq. 
(3.18)] the heat content of the right-hand side of Eq. (3.23) is 
given by the expression and the heat content of the 

left side by + ^Hi. Hence, the difference, Aff, is simply 

AH = (3.26) 

where is the apparent molar-heat content of the solute at 
infinite dilution, which is equal to the partial molar-heat content 
H^ of the HCl at infinite dilution. Equation (3.26) illustrates 
the convenience of apparent molar-heat contents, since the 
enthalpy change per mole of solute accompanying dilution is 
exactly the difference between the apparent molar-heat contents 
at the two concentrations involved. Differences of apparent 
molar-heat contents are obtained directly from calorimetric 
measurements, as indicated by Eq. (3.26), and the part.ia! 
molar-heat contents of the individual components are computeo 
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from these quantities. Equating Eqs. (3.25) and (3.26) yields 

-AH == #* - 3>a° = 82- 82° + niiBi - 5i°). (3.27) 

The differences 81 - 81° and 82 - 82° have been called the 
“relative” heat contents of the solvent and solute, respectively, 
by Lewis and Randall, and designated by the symbols Li and L2. 
However, in order to minimize the number of new symbols, the 
use of ordinary partial molar-heat contents will be adhered to. 
The method employed by Rossini for extrapolating heats of 
dilution obtained between finite concentrations down to infinite 
dilution and the procedure employed for deriving partial molar- 
heat contents are described by Rossini.® Briefly, the procedure 
is as follows: Rewriting Eq. (3.27) and expressing concentrations 
in terms of molalities give for the heat change, corresponding to 
m moles of solute. 


-AH = m(^h - $A°) = m(R 2 - 82°) 

+ 55.51(Hi - 8n. (3.28) 


Differentiation of Eq. (3.28) with respect to m yields 


m 


+ 55.51 — ■ 0-29) 


From the fundamental equation of partial molar quantities in 
the form (L-R, p. 43), 

XnJGi = 0, (3.30) 

where Si is any partial molar property of the ith component, and 
Ui is the corresponding number of moles, it follows that the sum 
of the last two terms on the right-hand side of Eq, (3.29) equals 
zero. Hence, 

82 - 82° = (3.31) 


Substitution of dm = 2m^H{m}^) gives 
82 


H2° = $a - + 2 


d(m^) 


(3.32) 
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Eliminating 82 — S^° from this equation by substituting its 
value from Eq. (3.28) gives the desired relation for computing 


n o _ — ^ r d(^h — ^h°) 
' ' 55.51 L 2 


(3.33) 


The procedure for computing the various heat-content data is 
indicated by Eqs. (3.32) and (3.33). When the values of 
have been obtained by proper extrapolation of measured 
heats of dilution, these values are plotted against the square root 
of the molality in order to reduce the curvature of the plot. The 
relative partial molar-heat content of the solute H 2 — 82 ° is 
then computed by measuring the slope of this plot at the desired 
molality and by performing the arithmetical operations required 
by Eq. (3.32). Similarly, values for the relative partial molar- 
heat content of the water may be computed from Eq. (3.33) and 
the already measured slopes of the (<i>/i — ^h°) — plot. 

Rossini^ gives the following values for the experimentally 
determined relative apparent molar-heat content of HCl in 


aqueous solutions at 25°C.: 


Composition 

g, cal. per mole HCl 

HCM,600H20 

90 

HC1-400H2O 

181 

HC1-200H20 

249 

HCMOOH 2 O 

343 

HC1-50H2O 

483 

HC1-25H20 

730 

HC1-20H2O 

850 

HCM 5 H 2 O 

1,050 

HCM 2 H 2 O 

1,250 

HCMOH 2 O 

1,460 

HCl-SHaO 

2,760 

HCl-SHgO 

4,470 


These data have been plotted against on Fig. 2, and 
graphically determined slopes have been used to compute the 
values of 82 “ 82 and 81 -- 81 recorded in Table 2. 

Examination of the derived data contained in Table 2 discloses 
the interesting fact that, even in the most dilute solution recorded 
(0.035m), the deviation of the partial molar-heat content of the 
HCl from its value in the infinitely dilute solution (—39,943 cal.) 
exceeds 0.3 per cent; whereas the H 2 O partial molar-heat content 
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in a 4.63 molal solution deviates by less than 0.2 per cent from its 
value in the infinitely dilute solution. Thus, for most thermo- 
chemical calculations involving the heat of formation of H 2 O in 
dilute hydrochloric acid solution, no great error would be intro- 
duced by using the value for pure water. The fact that the rela- 
tive apparent molar-heat contents are positive over the entire 
■ - '6000 
5000 
“8,4000 
;i30oa 

XzlOOO 

*©• 

1000 


0 1.0 2.0 3.0 4.0 5,0 6.0 7.0 8.0 9.0 lO.O 11.0 12.0 13.0 
Square roof of molality 

Fig. 2. — Apparent molar-heat contents of HCl in aqueous solutions at 25^C. 

range of concentrations shows that addition of water to any 
concentration of acid results in the liberation of heat. For 
example, dilution of a solution containing 1 mole of HCl in 20 
moles of H 2 O with an infinite quantity of water at 25°C. results 
in the liberation of 850 cal. of heat. 

Table 2. — Appaeent and Paktial Molar-heat Contents in 
Hydrochloric Acid Solutions at 25®C. 


(cal /mole) 


Concentration 

m, 

moles 
HCl 
per kg. 
H 2 O 


4'fc — 

d!(4>A — 

0 ^ 

1 


HCM.eOOHaO 

0 . 0347 ; 

0.186 

90 

435 

! 

131 

-0.0253 

HC1-400H2O 

0.140 

0.374 

181 

435 

262 

-0.205 

HC1-200H2O 

0.278 

0.527 

249 

435 

364 

-0.575 

HCMOOH 2 O 

0.555 

0.745 

343 

435 

505 

-1.62 

HC1-50H2O 

1.110 

1.054 

483 

545 

771 

-5,76-: 

HC1-25H20 

2.220 

1.490 

730 

545 

1,136 

-16.3 

HC1-20H2O 

2.776 

1.666 

850 

* 730 

1,459 

-30.4' 

HCM 5 H 2 O 

3.701 

1.924 

1,050 

748 

1,770 

-48.0 

HCM 2 H 2 O 

4.626 

2.150 

1,250 

990 

2,315 

-88.8 

HCMOH 2 O 

5.551 

2.356 

1,460 

1,010 

2,650 

-119.0 

HC1-5H20 

11.10 

3.320 

2,760 

1,700 

5,580 , 

-564^.0 

HC1-3H20 

18 50 

4.300 

4,480 

1,900 

8,570 

-1,362.0 


* See Fig. 2 for values of d{^h — 
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For certain calculations the value of the partial molar-heat 
content of the solute S 2 , rather than the relative partial molar- 
heat content, is required. In order to compute values of 52 it is 
necessary to determine the value of 82 °, the heat of formation 
of the HCl in the infinitely dilute solution from its elements 
in their standard states, at constant pressure. Since the Heat of 
formation of gaseous HCl from the elements is a well-known 
datum, it is necessary to know only the heat of solution of HCL 
That is, the enthalpy change corresponding to the reaction 

HC1(,) == HCl(a,), (3.34) 

where aq indicates the infinitely dilute solution. Eossini^ has 
extrapolated the results of several sets of measurements of the 
heat effect accompanying the process, 

HClcrt + H 2 O = HCl • H 2 O, (3.35) 

down to infinite dilution and obtained the value 
AH 298-1 = —17,880 cal. /mole 

for the heat of solution (3.34) of gaseous HCl at 1 atm. Since 
the standard heat of formation of gaseous HCl from the elements 
at 25°C. and 1 atm. equals —22,063 cal., the standard heat of 
formation of 1 mole of HCl in the infinitely dilute solution equals 
— 17,880 + ( — 22,063) or —39,943 cal. From the values of 
82 — 52°, recorded in Table 2, the partial molar-heat contents 
of the HCl, at various concentrations referred to the conventional 
reference state, may then be computed. For example, 82 — 82 ^ 
equals 5,580 cal. in HCL5H20; hence 

82 = 5,580 — 39,943 = —34,363 g. caL/mole. 

It is important to note that tabulated values for the heats of 
formation of various substances at different concentrations in 
aqueous solutions correspond to — values. Thus, in Bichow- 
sky and Rossini (B-R, p. 23), the value Qf for HCl at 18°C. in 
HC1-5H20 is given as 37,100 cal. From Table 2, a value of 
equal to 2,760 is obtained for this concentration; since 
= -39,943, this gives = 37,183 cal. at 25°C. 
The values of Qf for various substances in aqueous solutions 
recorded in Bichowsky and Rossini may be used to compute the 
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corresponding values of the relative partial molar-heat contents 
of the solute and water, by the technique described above. For 
example (B-E, p. 138), the values of Q/ for NaCl-ooH20 and 
NaCl*25H20 are given as 97,166 and 97,496 cal., respectively, at 
18°C. The difference, —330 caL, corresponds to 
accordingly, this gives one point on the plot of vs. 

used to evaluate and Hi — Similarly (B-R, 

p. 33), the values of Qf for HN 03 ’« 5 H 20 and HN03'25H20 are 
given as 49,190 and 49,162 cal., respectively, from which 4 >a — 
is found to be 28 cal. 
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CHAPTER IV 


THERMAL EFFECTS ACCOMPANYING CHEMICAL 
CHANGES 

1. Heats of Formation. — In the three preceding chapters a 
brief outline has been presented of the more or less conventional 
procedures employed for evaluating changes of enthalpy and 
internal energy accompanying physical changes of state. The 
present chapter is concerned with the methods used in evaluating 
changes of enthalpy or heat content accompanying chemical 
reaction — the most important phase of the science of thermo- 
chemistry. That isj the principal object of modern theoretical 
and experimental thermochemistry is the derivation of the 
necessary data for obtaining heats of formation of all known 
substances, in addition to such auxiliary data as are required for 
computing the variation of heats of formation with temperature. 
Given the heats of formation of all known substances and their 
entropies of formation, we can then compute the corresponding 
free energies of formation and consequently the free-energy 
change and equilibrium constant for any desired chemical 
reaction. 

Since only changes in heat content and not absolute values are 
measurable in an unambiguous sense, it is necessary to select a 
common standard temperature for all substances and a standard 
state for each substance in order to define clearly the significance 
of the recorded heats of formation. Accordingly, the heat of 
formation (AH) of a given substance represents the increase in 
heat content, or enthalpy, accompanying the formation of 1 mole 
of the substance from its elements in their standard states, at a 
constant pressure of 1 atm. The standard reference state for 
each element is that form which is most stable at room tem- 
perature and 1 atm. pressure. The precise statement of the 
reference state for gases is that hypothetical standard state of 
unit fugacity where the heat content of the gas is independent of 
pressure, f.c., zero pressure for real gases. Since the heat content 
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of most gases at room temperature and 1 atm. is practically the 
same as at zero pressure, the distinction is not important. 

Present calorimetric practice is. to refer the results of all 
thermochemical investigations to 25^C. as standard temperature, 
but a great volume of earlier thermochemical data exists which 
has been referred to 18®C. as the standard. For most purposes 
the effect of 7 deg. difference of temperature on heats of formation 
is unimportant; where more precise data are required, it is 
usually possible to make a good, rapid estimate of the correction 
from known or estimated heat capacities of the substances 
involved. 

2. Principle of Modem Calorimetry. — In a few instances, as 
in the case of gaseous HCl, H 2 O, and CO 2 , it is possible to obtain 
the heat of formation of a compound by measuring the heat of 
synthesis directly from its elements. In most cases, however, it 
is necessary to measure the heat of some reaction in which the 
heats of formation of all the other reactants and products are 
known, except that of the desired substance. The heats of 
formation of most organic compounds have been obtained by 
measuring the heat evolved when the substance is burned in O 2 
under pressure in a bomb of definite volume. In the case of 
HCl, just above, it is possible to measure the heat of formation 
from H 2 and CI 2 at a constant pressure of about 1 atm. ; hence, 
except for minor corrections, the observed heat effect is directly 
the AH of formation. On the other hand, the observations 
on the combustion reactions in a constant volume bomb under 
pressure give the energy change corresponding to that pressure, 
and must be subjected to an elaborate correction technique^ in 
order to obtain the corresponding AH at 1 atm. and room tem- 
perature. Furthermore, the computation of heats of formation 
from heats of combustion requires a knowledge of the heats of 
formation of H 2 O, CO 2 , and other compounds formed in the 
bomb; consequently, unless these thermochemical constants are 
known with a high degree of precision, the final accuracy of the 
computed heat of formation is apt to be low. The reliability of 
any thermochemical datum is greatly dependent on the analytical 
procedures employed to establish the products of the reactions 
and the amounts of the various products formed. 

Most of the reactions chosen for thermochemical study are 
those in which heat is evolved; and the calorimetric method 
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employed for measuring this heat is, in principle, quite simple. ^ 
In brief, the problem consists in determining the quantitative 
correspondence between the thermal energy liberated by (1) the 
reaction under investigation and (2) a measured quantity of 
electrical energy, using the calorimeter as the absorber of the two 
quantities of energy and its temperature rise as the comparator. 
For example, w^hen H 2 and CU were burned in a constant-pressure 
calorimeter at substantially 1 atm. pressure at an average 
temperature of 30°C., it was found® that the formation of 
0.1527 mole of HCl was accompanied by a rise in temperature 
of 0.91 16°C. In the same apparatus and under substantially 
identical conditions of temperature and rate of heat generation, 
it was found that the expenditure of 15,418 international joules 
of electrical energy was equivalent to a temperature rise of 1°C. 
Consequently, the heat of formation of 1 mole of HCl at 30®C. 
and 1 atm., as determined by this experiment is, except for certain 
minor corrections. 


^ (0.9116) (15,418) 
(0.1527) (4.183) 


22,000 cal./mole. 


(4.1) 


This substitution method eliminates many of the systematic 
errors and uncertainties due to heat leakage from the calorimetric 
system because of their cancellation in the electrical and chemical 
experiments performed under substantially identical conditions. 
In the case of endothermic reactions, where heat energy is 
absorbed, the comparison of the chemical with the electrical 
energy can be made simultaneously instead of in two separate 
experiments. That is, the temperature of the calorimeter is 
maintained practically constant during the course of the chemical 
reaction by supplying measured electrical energy at the same 
rate as the reaction absorbs energy. 

In some instances it may not be convenient to calibrate the 
calorimetric system by the electrical method; in which case the 
energy of the unknown reaction is compared under identical 
conditions with the energy evolution of some “standard^' 
chemical reaction, which has been previously calibrated against 
electrical energy under these conditions. One of the most com- 
monly used comparison reactions for measuring the energy of 
bomb reactions is the combustion of highly purified benzoic acid. 
For example, the heat of combustion of benzoic acid is known 
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to be^ 26,414 international joules per gram (weight in vacuo) when 
the sample is burned under the following standard conditions : 


Temperature to which reaction is referred 30'^C. 

Initial O 2 pressure in bomb at 30°C 30 atm. 


Mass of water placed in bomb per liter of bomb volume 3 g. 

Mass of benzoic acid burned per liter of bomb volume 3 g. 

3. Calculation of Aff of Formation from XH of Reaction. 

Illustration 1. — The XH of reaction 

CaO(e) + H20(Z) - Ca(OH)2(c), (4.2) 

as given by three different investigators, is —15,300, —15,180, 
and — 15,300 caL (B-R, p. 344) at 18°C. Compute the standard 
heat of formation of Ca(OH )2 at this temperature. 

Solution . — The average XH for reaction (4.2) is —15,260, and 
Bichowsky and Rossini give —68,370 and —151,800 cal. for the 
heats of formation of liquid H 2 O and CaO, respectively. The 
AH of the above reaction is 

AH = — 15,260 = AiTca(OH)„ — AHc&o — AHr^q. (4.3) 
Therefore, 

AiJcacoH), = -15,260 - 151,800 - 68,370 = -235,430 cal. 

It should be noted that the symbols (c) and (1) refer to the sub- 
stance in the macrocrystalline and liquid state, respectively. 

4. The Effect of Temperature on the Heat of Reaction. — 
Having obtained values for heats of formation at 18 or 25°C., we 
can compute the change of AH with temperature at constant 
pressure by means of Eq. (2.25) and, hence, obtain the heat of 
reaction at any desired temperature, provided that the appro- 
priate heat-capacity data are available. Since the heat capacities 
of most solids, liquids, and gases are quite adequately expressed 
as functions of the absolute temperature by means of equations of 
the form, 


C^ = a + bT + cT^ 

(4.4) 

Cj, = a + 67 - cT-\ 

(4.5) 


it follows that the equation 

d(AH) 
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can be integrated into two useful equations, depending on the 
form of the heat-capacity function employed. The integrands 
of Eq. (4.6) corresponding to Eqs. (4.4) and (4.5) are, respectively, 

AH = Affo + AaT + ^ r- + ^ (4.7) 

and 

AH = AHo + AaT + ^ T^- + AcT-\ (4.8) 

In Eqs. (4.7) and (4.8), the Aa’s, A5^s, and Ac^s represent the 
individual sums of the a, 5, and c terms in the heat-capacity 
equations for the products, minus the corresponding sums for the 
reactants. AHq is the constant of integration and represents the 
fictitious heat of the reaction in the chosen standard states at 
the absolute zero, if Eqs. (4.4) and (4.5) were valid down to 
zero. Equation (4.8) emphasizes one decided advantage to 
expressing heat capacities in the form of Eq. (4.5), since the 
somewhat cumbersome term is thereby eliminated. 

5. The AH of Formation of CO 2 as a Function of Temperature. 
Illustration 2. — The heat of formation of CO 2 is an important 
constant in the evaluation of heats of formation of organic com- 
pounds from their measured heats of combustion. On the basis 
of the following fundamental thermal data, derive an expression 
for the heat of formation of CO 2 as a function of temperature and 
compute AH for 18®C. 

As a result of the measurements of the heat of combustion of 
graphite by Dewey and Harper® and by Jessup,^ Rossini and 
Jessup® have selected AH 298.1 = —94,030 cal. as the best value 
for the reaction 

C(c, graphite) + 02^^^ = (4*9) 

Kelley^ gives the following equations for the heat capacities of 
the substances involved in Eq. (4.9) for temperatures above 0°C. : 

Graphite: = 2.673 + 2.617 X - 1.169 

X 10®T-2. (4.10) 

O 2 : Cp = 8.27 + 0.258 X lO^^T - 1.877 

X lO^T-K (4.11) 

CO 2 : Cp = 10.34 + 2.74 X 10-^T - 1.955 

X 10®T-2. (4.12) 
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Solution . — From the form of the heat-capacity equations, 
Eq. (4.8) should be used. Summing the constant terms in Eqs. 
(4.10)--(4.12) leads to the following values for the constants in 
Eq. (4.8): 

Aa = -0.603 A6 = -0.135 X Ac = -1.091 X 10^. 

Consequently, 

Ai? = AiJo - 0.603!r - 0.675 X - 1.091 

X lO^r-h (4.13) 

Substituting = -94,030 and T - 298.1°K. in Eq. (4.13), 
yields Ailo = —93,480; consequently the required equation for 
calculations above 0*^0. is 

AH == -93,480 - 0.6032" - 0.675 X 10“^^- - 1.091 

X lO^r-h (4.14) 

At 18°C., the heat of formation of CO 2 is 

AH 291 =- -93,480 - 0.603(291.1) - 0.675 X 10-^(291.1)2 

- 1.091 X 10^(291.1)-' = -94,036 cal. 

6. Evaluation of Heats of Formation from Heats of Com- 
bustion. — If the results of measurements of the heat of com- 
bustion of an organic compound containing no other elements 
but carbon, hydrogen, and oxygen have been properly computed, 
the value of Qc represents the heat evolved at room temperature 
under a constant pressure of 1 atm. when the substance in the 
form stable at room temperature is burned in 0 2 to form gaseous 
CO 2 and liquid water. For example, the heat of combustion of 
ethyl alcohol, Qc, represents the —AH of the process expressed 
by the equation 

CsHsOHcz) + 302^^, = 2002^^^ + SHaOcz), (4.15) 

for which AH 298 = “326,660 cal./mole of alcohol.^ In this 
particular instance, Rossini® determined the heat of combustion 
by burning alcohol vapor in air at a constant pressure of 1 atm. 
and measuring the heat energy by the method of substitution 
described above. In order to eliminate errors due to possible 
traces of water in the highly purified alcohol, the mass of alcohol 
burned in producing the observed heat effect was determined by 
weighing the CO 2 produced. Hence, one-half the mass of the 
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CO 2 produced divided by the molecular weight of the CO 2 gives 
the moles of alcohol equivalent to the observed heat evolution. 
In 1932, when these results were first reported, the atomic 
weight of carbon was taken as 12.000; in 1934, the value was 
recomputed,® with 12.007 for the atomic weight or a molecular 
w^eight of 44.007 for CO 2 . Thus the heat evolution observed 
by Rossini corresponded to the burning of a smaller number of 
moles of alcohol than was recognized at that time; consequently, 
on the basis of 44.007 for the molecular weight of CO 2 , the 
original Qc required adjustment by multiplying by the factor 
88.014/88.00 in order to obtain the value .326,660 cal. /mole 
previously given. 

However, since 1934, the atomic weight of carbon has been 
changed to 12 . 01 ; consequently this value requires further 
adjustment by the factor 88.020/88.014, which gives 326,680 cal. 
for the heat of combustion of 1 mole of ethyl alcohol at 25°C. and 
1 atm. pressure. Since these experiments were performed, the 
atomic weight of hydrogen has been changed from 1.0078 to 
1.0080; but owing to the analytical procedure employed in 
Rossini^s original experiments, the value of this constant does not 
affect the value of the molar heat of combustion. The above 
discussion is intended to emphasize the necessity for a clear 
understanding of the experimental basis on which heats of com- 
bustion are based before even minor adjustments in their values 
are made. 

After the best available value for the heat of combustion has 
been obtained, the AE of formation may readily be computed 
from the known heats of formation of the products of com- 
bustion. Thus, in the case of C 2 H 5 OH, the AE of formation 
at 25°C. may be computed from the relation indicated by Eq. 
(4.15), 

AjET = —Qc — SAEhp + 2A£rco, AJTcjHgOH 

= -326,680. (4.16) 

Substitution of AEs.o = —68,315 and AEco, = —94,030 in 
this equation gives —66,325 cal. for the heat of formation of 1 
mole of liquid C 2 H 5 OH at 25®C. The above value of AE^p 
represents .Rossini’s^^ value of —68,313 for liquid water, cor- 
rected by the ratio 18.0160/18.0156 to allow for the new atomic 
weight of hydrogen, 1.0080 instead of 1.0078. 
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Rossini^ gives the heat of formation of C 2 H 50 H(i) at 25°C. 
from so-called /3 graphite as —66,750 cal./mole. In arriving 
at the value —66,325 caL, it should be noted that the equation 
used was 

whereas Rossini used the equation 


AH = Qe + 3AHn,o + 2Ai?co,. (4.18) 

In these equations the primes indicate the new values for the 
heats of formation of C 2 H 5 OH and CO 2 . Thus, it can be seen 
that there is no simple factor that can be used to correct the 
earlier heat of formation of alcohol in order to obtain the new 
value. 

7, Correcting Heats of Formation from Diamond to Graphite. 

Illustration 3. — The accuracy of some of the older heats of 
combustion data used to compute heats of formation of the 
simpler organic compounds recorded in Bichowsky and Rossini 
is of such degree, that the effect of small changes in the atomic 
weight of carbon on computed heats of formation may be 
neglected. Furthermore, since the acceptance of graphite® 
as the standard state for carbon, the tabulated v-alues of Bichow- 
sky and Rossini based on diamond as the standard state will 
eventually be supplanted by values based on the new heat of 
combustion of graphite. Show, by actually recalculating the 
values for the heats of formation of HCOOH(Z) and HCOOCH 3 (j,) 
given in Bichowsky and Rossini with reference to graphite as the 
standard state of carbon, that the corrected heats of formation 
{AH') are given by the following expression: 

AH' 291 — AHb-R — N{AHd — Ai7Gr)cOj, (4.19) 

where AJ^b-r = the heat of formation (—Q/) of the substance at 
18°C., as recorded in Bichowsky and Rossini. 

AHb = the heat of formation of CO 2 from diamond 
(-94,450 cal.). 

AHgt — the heat of formation of CO 2 from graphite at 
18"C. (-94,036 cal). 

and N = number of carbon atoms in the molecule. 
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Solution. — Substitution of the appropriate values in Eq. (4.19) 
gives the following equation for computing the approximate 
correction to heats of formation based on diamond, but neglecting 
changes in atomic weights: 

AiJ^29i = AZTb-r d” 414A^. (4.20) 

a. HCOOHa) 

Three independent experimental determinations of the heat of 
combustion of liquid formic acid are listed (B-E, p. 236): 63,000, 
62,500, and 63,000 caL/mole. The average value 62,830 equals 
—AH^n for the reaction 

HCOOHco + KO 2 - COsc^) + H20a) 

- 62,830 == -68,370 - 94,036 - AH'hcooh, (4.21) 

from which AH' == —99,576 cal./mole — — Q/. The value 

recorded in B-R is — 100,000 cal. From Eq. (4.20) the corrected 
value is 

AH' = -100,000 + 414 = -99,586 caL 

b. HCOOCHsc,) 

Bichowsky and Rossini selected 240,740 cal. as the average 
of the three measured heats of combustion: 241,000, 240,900, 
240,200 caL/mole, corresponding to the reaction 

HCOOCHsc,) + 2 O 2 = 2H20a) + 2C02(,) 

- 240,740 - -(2) (68,370) - (2) (94,036) - AH'^coockz, (4.22) 

from which AH' = —84,072 cal./mole = — Q/. The value 

recorded in B-R is —84,900 cal. From Eq. (4.20) the corrected 
value is 

AH' = -84,900 + 2(414) = -84,072. 

Although Eq. (4.19) for converting from heats of formation 
based on diamond to heats of formation based on graphite is not 
precise, it is probably within the precision of the data obtained 
by the earlier investigators. The results of modern investigators 
in this field should also be corrected systematically for changes in 
atomic weights when required, after reviewing the bases for the 
reported results. 

The evaluation of heats of combustion of organic compounds 
containing elements in addition to carbon, hydrogen, and oxygen 
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is complicated by the necessity for determining the final physical 
and chemical state of these other elements. For example, in 
most cases the observed heats of combustion of organic com- 
pounds containing chlorine refer to the formation of dilute 
aqueous hydrochloric acid, but in some cases the formation 
of HCl gas has been reported. Furthermore, unless the quantity 
of H 2 O originally introduced into the bomb is recorded, it is 
impossible to calculate the final concentration of the HCl, and 
hence to allow for any thermal effect due to heat of dilution. 
The combustion of organic compounds of sulphur usually results 
in the formation of a dilute solution of sulphuric acid, but in some 
cases the formation of gaseous SO 2 has been reported. Heats of 
combustion of nitrogen containing compounds are employed 
on the basis that only elementary nitrogen is produced, although 
in some cases slight amounts of nitric acid are formed from 
nitrogen oxides and water. In general, heats of formation 
computed from heats of combustion of the more complex organic 
compounds are not very precise at present. 

8. Direct Measurements of Heats of Reaction. — In view of 
the uncertainties introduced into the calculation of heats of 
formtttion from heats of combustion of all but the simplest 
organic molecules, it has been found simpler and more reliable 
to measure directly the heats of certain types of reactions of 
theoretical interest, instead of the heats of formation of the 
indMdual substances involved. These investigations have been 
carried out by Kistiakowsky and coworkers, and have thxis 
far hqen chiefly confined to measuring the heat evolved when a 
variety of unsaturated aliphatic and aromatic compounds add 
from one to four molecules of H 2 per molecule of compound, in the 
presence of a suitable catalyst at 82°C. In the same manner, 
Conn; ' Kistiakowsky, and Smith “ have measured the heat 
evolution accompanying the addition of Br 2 to a number of 
olefinid ‘Compounds and the heat of addition of CI 2 to ethylene. 
Sinoea the "accuracy with which the heats of formation of either 
thoiimtial or final compounds are known is good and improved 
vaiutes are steadily being obtained, the accuracy of the heats of 
formation of the unknown compounds should be quite satis- 
factory. Obviously, the field of application of this method of 
direct lasasurement is restricted to types of reactions which can 
be made to take place at a rate convenient for calorimetric study 
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and which are not complicated by the occurrence of undesirable 
side reactions. 

9, Indirect Measurements of Heats of Reaction. — Accurate 
values for enthalpy changes accompanying physical or chemical 
changes of state may also be derived from the temperature 
coefficient of the standard free-energy change corresponding 
to the reaction involved. In the case of chemical reactions the 
procedure is to express the free-energy change either in terms 
of the observed equilibrium constant of the reaction or the 
observed electromotive force corresponding to the reaction. 
The observed change of K or E with the absolute temperature 
is then treated by the methods described in Chap. VI in order to 
evaluate the desired heat of reaction or heat of formation. 

10. Evaluation of Heats of Formation from Bond Energies. — 
In view of the widely confficting values of so-called ^'bond 
energies/’ deduced from thermochemical data and from kinetic 
studies on thermal and photochemical reactions, it would seem 
that values of heats of formation computed from bond energies 
have little physical significance. However, in certain cases, 
particularly in considerations pertaining to members of homolo- 
gous series, the concept of bond energies may be of some assistance 
in estimating heats of formation of undetermined members of 
the series. The basis for most compilations of bond energies 
involving carbon is the equivalence of the four CH bonds ,in 
methane. With this assumption and a definite choice of value 
for the energy of sublimation of graphite and the energy of 
excitation necessary to raise divalent carbon to the quadrivalent 
state, it is possible to proceed from compound to compound 
involving only one additional new bond at a time, and to obtain a 
set of bond energies of good internal consistency but questionable 
physical significance. 

For example, the value for the C-H linkage may be derived 
from a consideration of the following thermochemical equations: 

C(graDhite) = Ajff = 124,000 cal. (4.23) 

LEe = 100,000 cal. (4.24) 
C(,)^ + 4Hc,) - CH4(,) = -46 c-h. (4.25) 

Equation (4.25) defines the energy of the C-H bond. It is 
one-fourth the energy required to decompose gaseous methane 
into normal gaseous atoms of hydrogen and carbon at the 
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absolute zero. In view of the unsoundness of the assumption 
of the equivalence of the four C-H bonds in methane and the 
uncertainties in the heat of sublimation of graphite, corrections 
of ordinary heats of formation at room temperature down to 
0®K. are unwarranted. Using the B-R value for the heat of 
dissociation of H 2 and — 17,807 for the AJ? of formation of CH 4 
at 18°C. gives 

AJSo^ = -46C.H = -17,807 - 4(51,900) - 224,000, 
from which 

€c.H = 112,350 cal. as the energy of the C-H linkage. 

In a similar manner, the energy of the C-C linkage may be 
computed from the heat of formation of ethane ( — 20,195 cal.) 
and the equation 

+ 6 H(^) = C 2 H 6 (ff) AjBo° = —(Oec-H + €c-c), (4.26) 

- 6 €c.h “ 6 C.C = -20,195 - 6(51,900) - 2(224,000), 

€c-c = 105,500 cal. 

In this manner, a table of bond energy values may be built up, 
which can in some cases be used to estimate heats of formation 
from the relation 

AiJy = + SAiJ^, (4.27) 

where AH/ = standard heat of formation of compound in gaseous 
state based on the assumption of bond additivity. 

2 AH A = sum of heats of formation of gaseous atoms pro- 
duced by complete decomposition of compound. 

Vi — number of bonds of the fth type* 

€i = energy of 2 th type of linkage. 

For example, the heat of formation of gaseous propane may be 
estimated from the unsound assumption that all eight C-H 
bonds are equivalent: therefore, 

AHf = -(8)(112,350) - 2(105,500) + 8(51,900) + 3(224,000), 
AHf = —22,600 cal./mole as compared with the experimental 

value of —24,750 cal. 

The extension of this method of estimating heats of formation 
to such compounds as butadiene and benzene is complicated by 
the phenomenon of resonance. This complication arises because, 
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unlike methane, the structure of which can be represented bj^ the 
single valence bond structure 

H 

I 

H— C— H, 

H 

where each bonding sign represents the bonding pair of electrons 
shared between the carbon atom and a hydrogen atom, the 
electronic structure of butadiene is something in between the 
structures 

(A) (B) 

HHHH HHHH 

I I I I and I I I I 

H— C=C— 0=C— H H— C— C^C— C— H. 

S i 

j ! 

There are many cases of this kind in organic as well as inorganic 
chemistry, where no unique scheme of electron pairing is possible 
and the molecule is said to resonate between each of the various 
possible structures. This does not necessarily mean that the 
molecule is fluctuating from one structure to another at a very 
high frequency, but rather that the real state of the molecule is a 
combination of the various possible structures. This ^^combina- 
tion state” has a lower potential energy than either of the 
individual states and is therefore more stable than the individual 
states. Hence the phenomenon of resonance is important from 
the thermochemical as well as the chemical standpoint, since 
heats of formation of resonating” compounds are higher than 
the equivalent nonresonating compounds. 

It is obvious, therefore, that the possibility of resonance 
introduces a further uncertainty into the estimation of heats of 
formation from bond energies, in addition to the general unsound- 
ness of the assumption of simple bond additivity. The condition 
for the existence of resonance is that the electronic structure of a 
molecule can be depicted in two or more ways in which the posi- 
tions of the atoms remain unchanged and the energies of the 
various states do not differ greatly from one another. Since 
one of the principal methods for detecting the existence of 
resonance is based on observed heats of formation, it is apparent 
that reversal of the process to estimate the heat of formation of a 



54: 


PRINCIPLES 


[Chap. IV 


compound, which may or may not resonate, is impossible. For 
example, Pauling and coworkers^o-^s have estimated resonance 
energies by taking the difference between the energy of the 
molecule computed from observed heats of formation and the 
energy computed from additivity of bond energies. Such figures, 
however, are believed to be of more qualitative than quantitative 
significance.^® 

A more reliable method for detecting the existence of resonance 
is based on the measurements of internuclear distances by means 
of electron diffraction experiments. The essence of this method 
is the observation that internuclear distances between any pair of 
atoms decrease with the number of pairs of electrons holding the 
atoms together. Thus, the distance between two atoms held 
together by a triple bond is smaller than that for a double bond, 
which in turn is smaller than that for a single-bond distance. In 
some cases, results of dipole moment measurements on gaseous ’ 
molecules and band spectrum studies afford evidence of the 
existence or nonexistence of the phenomenon of resonance. The 
following data, taken from the paper by Pauling and Brockway, 
illustrate the dependence of internuclear distance on bond type 
for ordinary covalent linkages: 


Covalent Radii 
(cm. • lO”®) 


Bond 

c 

N 

0 

F 

Si 

P 

S 

Cl 

Single 

0.77 

0.70 

0.66 

0.64 

1.17 

1.10 

1.04 

0.99 

Double 

0.67 

0.61 

0.57 

0.55 

1.06 

1.00 

0.95 

0.90 

Triple 

0.60 

0.55 

0.51 


0.99 

0.93 

0.88 



When the absence of resonance in the molecule under considera- 
tion has been definitely established by any of the above methods, 
a rough estimate of the heat of formation of the compound may 
be made from bond energies deduced from heats of formation of 
compounds containing similar linkages. 

11. Estimation of the AH of Formation of Sulphur Bichloride. 
Illustration 4. — A direct calorimetric determination of the heat of 
formation of gaseous sulphur dichloride (SCI 2 ) is not available, 
but Bichowsky and Rossini give the following pertinent heats of 
formation: 
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Compound 

SoChu- 

Ss..) 


— 5,650 calories 
-f 66, 300 calories 
-f20j000 calories 


Estimate a value for the heat of formation of SChc^). 

Solution,— The electron diffraction patterns of gaseous S 2 CI 3 
and SCI 2 give-^ 1.99 • 10“^ and 2.00 *^10“'^ cm. for the S-Cl 
distance^® in these compounds and 2.05A for the S-S distance in 
S 2 CI 2 . Since the observed values are quite close to the so-called 
‘^standard values, it would appear that both these compounds 
possess ordinary single-bonded S-Cl and S-S linkages and very 
little, if any, double-bonded resonance states. Accordingly, the 
heats of formation of S 2 CI 2 and Ssc^) may be used to estimate the 
energies of the S-S and S-Cl bonds. 

In accordance with the foregoing data on heats of formation, 
the following thermbchemical equations may be set up : 


SRh = S(g) 
SSer == ^S(,g) 

2Sr1i + Chcff) = S2Cl2(^) 

KCl2(.) == Cl(,) 


AH = 66,300. (4.28) 

AH = 20,000. (4.29) 

AH = -5,650. (4.30) 

AH = 28,900. (4.31) 


The energy of the S-S linkage may, therefore, be estimated ‘by 
substituting the appropriate values from Eqs. (4.28) and (4.29) 
in Eq. (4.27). Consequently, 


20,000 == -86S.S + 8(66,300), 

es-s = 66,300 - = 63,800 cal. 

O 


The energy of the S-Cl linkage may then be estimated from 
this value and Eqs. (4.30) and (4.31) in the same manner, 

-5,650 = -(2es.ci + 63,800) + 2(66,300) + 2(28,900). 

€s-ci = 66,125 cal. 

The AH corresponding to the desired reaction is, therefore, 

AHf = -2(66,125) + 2(28,900) + 66,300 = -8,150 cal. 

This value for the heat of formation of SCI 2 is based on the 
assumptions that the two S-Cl linkages are identical in this com- 
pound and are identical with these linkages in S 2 Cl 2 » Since such 
assumptions are only partially true, it is difficult to estimate the 
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accuracy of such a calculation. In some cases, values estimated 
by this type of procedure are quite good and at other times, 
worthless. Very little additional certainty would be gained by 
correcting all values to the absolute zero and using bond energies 
in their defined sense; hence calculations of this sort might just 
as well be reduced to the minimum amount of labor. 

12. Stability of Hydrocarbon Molecules. — On the basis of his 
determination of the heats of combustion of the five isomeric 
hexanes®^ and a review of existing data on other hydrocarbons, 
Rossini^® has suggested that the following factors operate to 
impart greater stability to hydrocarbon molecules : 
a. Resonance. 

h. Minimum departure of the bond angles from the tetrahedral 
value (109°280. 

c. Maximum compactness of the carbon skeleton. 

d. Minimum of repulsion between nonbonded atoms. 

In a rough qualitative way, these statements imply that, for 
any given pair of isomers, the isomer conforming more fully 
to these conditions will have the larger heat of formation, i.e., 
greater heat evolution accompanying the formation from the 
elements in their standard states. It should be noted, however, 
that comparisons of stability based on energies or heats of forma- 
tion are reliable only when performed at the absolute zero; 
otherwise, free-energy data should be employed. 

References 

1. Washburn: Bur. Standards J. Research, 10, 525 (1933). 

2. Rossini: Chem. Rev., 18, 233 (1936). 

3. Rossini: Bur. Standards J. Research, 9 , 679 (1932). 

4. Jessup: J. Research Natl. Bur. Standards, 21, 475 (1938). 

5. Dewey and Harper: J. Research Natl. Bur. Standards, 21, 457 (1938). 

6. Rossini and Jessup: J. Research Natl. Bur. Standards, 21, 491 (1938). 

7. Kelley: II High-temperature Specific-heat Equations for Inorganic 

Substances, Bur. Mines Bull. 371 (1934). 

8. Rossini: Bur. Standards J. Research, 13, 189 (1934). 

9. Rossini: Bur. Standards J. Research, 8, 119 (1932). 

10. Rossini: Bur. Standards J. Research, 6, 1 (1931). 

11. Kistiakowsky, et al.: J. Am. Chem. Soc., 67 , 65 (1935). 

12. Kistiakowsky, et al.: J. Am. Chem. Soc., 67 , 876 (1935). 

13. Kistiakowsky, et al.: J. Am. Chem. Soc., 68, 137 (1936). 

14. Kistiakowsky, et al.: J. Am. Chem. Soc., 68, 146 (1936). 

15. Kistiakowsky, et al.: J. Am. Chem. Soc., 69 , 831 (1937). 

16. Kistiakowsky, et al.: J. Am. Chem. Soc., 60, 440 (1938). 



Sec. 12] EFFECTS ACCOMPANYING CHEMICAL CHANGES 57 


17. Kistiakowsky, et aL: /. Am. Chem. Soc.^ 60 , 2764 (1938). 

18. Kistiakowsky, et aL: J. Am. Chem. Soc.^ 61 , 1868 (1939). 

19. Kistiakowsky, et aL: J. Am- Chem. Soc., 60 , 2764 (1938). 

20. Pauling and Wheland: J. Chem. Phys., 1, 362 (1933). 

21. Pauling and Shbhman: J. Chem. Phys., 1, 606, 679 (1933). 

22. Sherman: J. Chem. Phys.y 2, 488 (1934). 

23. Van Vleck and Sherman: Rev. Modern Phys.y 7 , 167 (1935). 

24. Pauling and Brockway: J. Am. Chem. Soc., 69 , 1223 (1937). 

25. Palmer: J. Am. Chem. Soc., 60 , 2360 (1938). 

26. Stevenson and Beach: J. Am. Chem. Soc., 60 , 2872 (1938). 

27. Rossini and Prosen: /. Am. Chem. Soc., 62 , 2250 (1940). 

28. Rossini: Chem. Rev., 27 , 1 (1940). 



CHAPTER V 


EQUILIBRIUMS IN PHYSICAL PROCESSES 
AND THE FREE-ENERGY CHANGE 

1. Conditions for Equilibrium. — Treatises dealing with the 
subject of thermodynamics in its broader, more theoretical 
aspects usually state, as the necessary and sufficient conditions 
for equilibrium, that the internal energy of the system must be a 
minimum and the entropy a maximum. Accordingly, systems 
not already in equilibrium will tend to move in a direction that 
will fulfill these two requirements. Since chemists are usually 
interested in processes occurring at constant pressure and 
temperature, it follows from the definition of the free-energy 
function, 

F = H - TS == E - TS + PV, (5.1) 

and these two conditions, that F must also decrease in moving 
toward equilibrium. Therefore, in order that a process may 
occur under these conditions, it is necessary for the free energy 
of the final state, F 2 , to be less than the free energy of the initial 
state, Fij or 

F 2 < Fi and F 2 — Fi < 0. (5.2) 

That is, AF must be negative for a process to be spontaneous. 
When the free energy of the final state equals the free energy 
of the initial state, the system is in a state of equilibrium with 
respect to transformations between these two states; since by this 
■criterion a spontaneous change is impossible, the condition for 
equilibrium at constant pressure and temperature is 

AF = 0. (5.3) 

Furthermore, if the thermodynamic system under consideration 
consists of several phases, the molar free energies (or partial 
molar free energies in solutions) of its individual components will 
be equal throughout the system, regardless of the physical state, 
when the system is at equilibrium. 

58 
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Since the free-energy function will be used to predict the 
equilibrium of physical and chemical processes occurring under 
constant temperature and pressure, it will be necessary to provide 
the tools required for predicting the changes in equilibrium when 
the given processes are subjected to different conditions of tem- 
perature and pressure. Differentiation of Eq. (5.1) with respect 
to pressure at constant temperature ;vdelds 

and differentiation of Eq. (1.8) \\dth respect to pressure gives 



(5.5) 


Adding Eqs. (5.4) and (5.5) gives the desired relation 



In a similar manner, 



But for a reversible process at constant pressure, 


(5.6) 


(5.7) 


Hence 



Subtracting Eq. (5.9) from (5.7) yields 



(5.8) 

(5.9) 


(5.10) 


Eqs. (5.6) and (5.10) will be found to be the two most useful 
equations in thermodynamics. Substituting for S its value from 
Eq. (5.1) yields the equation 


3T}i> T 


(5.11) 
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The form in which Eq. (5.11) is commonly employed is 


diAF/T) _ -AH 
dT r- 


(5.12) 


2. The Fugacity. — As pointed out in Sec. 1, if the molar free 
energy in state (2) of a system is less than the molar free energy 
of the system in the initial state (1), the system must eventually 
pass from (1) to (2); thus the molar free energies serve as a 
quantitative measure of the tendency of the system to pass from 
one state to another. This tendency is termed the “escaping 
tendency.^’ Furthermore, since the molar free energies of the 
individual components of a system composed of more than one 
phase must be equal throughout the system when equilibrium is 
attained, it can be said that the escaping tendency of each com- 
ponent is the same throughout the system. When liquid or solid 
solution phases are included within the system, it is necessary 
to use the partial molar free energies of the components as a 
measure of the escaping tendency. 

Now it turns out, as a matter of practical experience, that the 
numerical application of free energies to physical and chemical 
problems is considerably facilitated if another quantity, bearing 
the following algebraic relation to the molar free energy, is 
employed in its place as a measure of the escaping tendency: 

J?rin/ = F-B, (5.13) 

in which the defined quantity /, commonly employed as a 
measure of the escaping tendency in numerical calculations, is 
called the “fugacity.” F is the molar free energy or partial 
molar free energy of the substance. 5 is a constant at any 
temperature and need not be considered further, since it drops 
out when the difference in molar free energies between two states 
at the same temperature is evaluated, as shown by the equation 

AF ^ Fi - Fx = RT\n fy- (5.14) 

h 

A physical basis for the form of Eq. (5.13), defining the 
fugacity, may be found as follows: 

From Eq. (5.6) it can be seen that, when 1 mole of a perfect gas 
is expanded from a pressure Pi to P 2 under isothermal conditions, 
the free-energy change is given by the equation 
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Af = Fj - Fi = J VdP = RT JJ’ ^ = FT In ~ (5.15) 

A comparison of Eq, (5.14) with (5.15) shows that the pressure 
of a perfect gas is identical with the true escaping tendency or 
fugacity, whereas for real gases the pressure measures the 
escaping tendency only in the limit at zero pressure, when all 
gases approach perfect behavior. This may readily be shown 
by the fact that substitution of any equation of state for actual 
gases in the equation 



does not yield Eq. (5.15). Thus, since the idea of a mechanical 
pressure as a measure of an escaping tendency is easy to grasp, 
the equivalence between pressures and fugacities in the limit 
increases the physical reality of what might otherwise appear to 
be an unnecessarily complicated way of defining fugacities 
[Eq. (5.13)]. 

For accurate work with real gases under finite pressures it is 
necessary to employ the equation 

firing = C' VdP (5.16) 

h JPi 

in conjunction with an appropriate equation of state or actual 
PVT data in order to evaluate fugacities (see L~R, Chap. XVII). 
For most purposes it is permissible to substitute pressures for 
fugacities when dealing with systems at moderate pressures of, 
say, less than 3 or 4 atm.; but, in general, Eq. (5.16) must be 
employed. 

Two convenient and reasonably accurate equations of state 
for the computation of fugacities are 

PV = NRT - NaP (5.17) 

PV = CNBT, (5.18) 

where N represents the total number of moles in the volume 
V at the pressure P, and a is a coeflBlcient measuring the deviation 
of the gas from ideality and is a function of T and P. In Eq. 
(5.18) the constant C is called the '^coefllcient of compressibility” 
and is also a function of T and P. As the pressure is reduced to 
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zero, the coefficient of compressibility approaches unity, and a 
approaches zero. The two coefficients are connected by the 
relation 


a == 


RT 


(1 - C). 


(5.19) 


Although Eqs. (5.17) and (5.18) are among the simplest equations 
of state for real gases, substitution in Eq. (5.16) produces an 
integral, which cannot be integrated analytically but must be 
evaluated by graphical integration. Fortunately, for moder- 
ately high pressures the Berthelot equation of state may be 
employed in order to obtain the integrand of Eq. (5.16), as shown 
in the illustrative problem that follows. 

3. Calculation of the Fugacity of a Berthelot Gas. Illustra- 
tion 1. — Compute the fugacity of CO 2 at 100°C. and 200 atm. 
pressure, on the assumption that the gas conforms to the Ber- 
thelot equation of state. 

Solution . — Substituting Eq. (2.19) in (5.16) gives 


srin-j = BT 



9 PTJ 
128 PoT V 


dP 

rvJ P ’ 


( 5 . 20 ) 


Substituting the pressure P, at which the fugacity / is required, 
and the low pressure P°, such that fi = P° as P° approaches 
zero, for the limits of integration gives 


ln^, = ln^o + y|g^(l-^)(P-P“), (5.21) 

and consequently 

Substituting 

T = 373 '■A. P„ = 73 atm. 

. Tc = 304.2° - - P = 200 atm. 

in Eq. (5.21) gives 

I = 0.624 ''or ’ / = 125 atm. 


At 100°C. and 200 atm. the fugacity of CO 2 computed from 
Berthelot’s equation is 125 atm. or, as it is sometimes said. 
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CO 2 has an activity coefficient of 62.4 per cent under these 
conditions, 

4. Activity Coefficient and Compressibility Charts. — By intro- 
ducing the reduced temperature, T/Tc, and the reduced pressure, 
P/Pc, into Eq. (5.22), the following equation is obtained for 
computing the so-called activity coefficient of gases: 

In 7 = In ^ ^ ^1 - (5.23) 

According to this equation, the activity coefficients of gases 
should be a universal function of the reduced temperature and 
reduced pressure, and independent of the nature of the particular 
gas to the extent that all gases obey the same equation of state. 
On this basis, charts of the ratio f/P vs. the reduced pressure for 
various values of the reduced temperature have been prepared/ 
which permit rapid estimations of the fugacities of pure gases 
over a wide range of pressures and temperatures (Fig. 3). Data 
used to plot the chart have been based on experimental PVT 
data, reported in the literature for a number of widely different 
types of gases. Although such charts are not too accurate for 
all gases under all conditions, estimated values are good enough 
for most purposes. This same method of correlation has been 
employed by several investigators^ for the presentation of data on 
compressibilities, defined by the equation of state 

PV - CNBT. 

Values of compressibilities obtained from such charts^ (Figs . 4 
and 5) are of considerable value in estimating actual gas volumes 
at a given pressure and temperature, when only the critical 
constants of the gas are known. 

In the case of mixtures of gases it is customary to assume, as a 
matter of practical expediency, that (1) the fugacity of any 
'Component of the mixture at a total pressure P is equal to fi°N „ 
where is the fugacity of the pure ^th component at the pressure 
P, and Ni is its mole fraction, and that (2) the activity coefficient 
(fi/Pi) of the ith component of the mixture at the total pressure 
P is equal to the activity coefficient of the pure component 
at the pressure P. These assumptions are only partially true, 
but they are almost unavoidable in view of the present state of 
development of the subject. 
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Reduced pressure , Pr 

Fia. 3, — ^Activity coefficients of gases at elevated pressures. 
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Reduced pressure 'Pp 

Fig. 4 :. — Compressibility factors at intermediate pressures. 
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A number of relations have been proposed for estimating the 
compressibilities of mixtures of gases. When the critical con- 
stants of the individual components of the mixture are known, 
the following relation, proposed by Kay^ for estimating the 
critical constants of the mixture, is probably as good as any other 
method: 

= {To)iN^ + {TahN^ + * • • (5.24) 

(Pc)n.i. = (Pe)iNi + (PchN, + • • • (5.25) 

where Tc ^ ‘ , Pc * ‘ ‘ are the critical constants of the pure 

components and the N^s are the respective mole fractions. The 



reduced temperature and pressure of the mixture is then com- 
puted from these pseudocritical constants and the corresponding 
values of compressibilities read from Fig. 4. Beattie^ has 
proposed a much more elaborate and accurate procedure for 
estimating PVT data for mixtures of gases, based on the use of 
weighted constants of the Beattie-Bridgman equation of state. 
Since the method requires a knowledge of all five constants for 
each component, the application is restricted to gases for which 
these constants are known. 
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5. Equilibriums between Two Phases of a Pure Substance- — 
From the condition that the molar free energies of the components 
of a system must be equal throughout the system at equilibrium, 
and that any changes in P and T must produce corresponding 
changes in the free energies of the substance in all phases in 
order to preserve the equilibrium, it follows that 


dP I == dP 2- 


(5.26) 


By expressing these total differentials in terms of their partial 
differentials with respect to T and P, substituting the appropriate 
values for these partials given by Eqs. (5,6) and (5.10), and 
introducing them into Eq. (5.26) (L-R, p. 180), the following 
equation is obtained: 


dP ^ AH 
dT TAV 


(5.27) 


If the system is under its own vapor pressure p, the equation is 
then written 


dp _ AH 
dT TAV 


(5.28) 


In this equation AH represents the , enthalpy change accom- 
panying the transfer of 1 mole of the substance from the first 
to the second of the two phases in equilibrium, at the pressure p, 
and the temperature P; AV represents the volume of 1 mole of the 
substance in the second phase, minus the molar volume in the 
first phase, at the pressure p, and temperature P. When the two 
phases in equilibrium are liquid and vapor, AH is the molar heat 
of vaporization; when solid and liquid, AH is the molar heat of 
fusion; and for the equilibrium between two modifications of a 
pure solid, AH is the molar heat of transition. It is important 
to note that Eq. (5.27) applies only to a univariant system, i.e., 
one in which the pressure is fixed when the temperature is chosen 
or vice versa. This same equation also applies to the change of 
eutectic temperature of a binary system with pressure, since at 
the eutectic point such a system is a univariant system. 

Equation (5.28) is frequently employed in problems dealing 
with liquid-vapor equilibriums, where the vapor is assumed to be 
a perfect gas at ordinary pressures and the molar volume of the 
liquid is assumed to be negligible compared to that of the gas; 
hence 
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and 


dv AH 



din p _ AH 
~dT~ 


(5.29) 


In this form Eq. (5.29) applies approximately to the equilib- 
rium between a liquid and its vapor, where both phases are 
under the vapor pressure of the liquid at the temperature T. In 
actual practice the liquid phase is usually under a constant 
pressure P, other than the vapor pressure p. For this case 
Lewis and Randall (L-R, p. 183) derive the following equation 
for the equilibrium between the two phases: 

Here p represents the vapor pressure, P the constant head on the 
liquid, Vg the volume of 1 mole of the vapor, and AH the enthalpy 
change accompanying the transfer of 1 mole from the liquid 
at the pressure P, to the gas phase at the pressure p. Assuming 
the vapor to be a perfect gas leads to the equation 


/d In p\ 

\ dT )p 


AH 


(5.31) 


Equations (5.29) and (5.31) are different, since the differential 
coefficients are obviously not identical, and the two AP^s are 
different in physical significance, if not numerically. 

Another case of interest to the chemist is the two-phase 
equilibrium of a pure substance, in which the pressures on both 
phases vary while maintaining the temperature of the system 
as a whole constant. From the condition that the molar free 
energies must remain equal in both phases in order to preserve 
the equilibrium, it follows that 



where the V’s represent the molar volumes of the substance 
in the two phases. If the vapor in equilibrium with the liquid 
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phase is at a moderate pressure so that ideal gas behavior may 
be assumed, Eq. (5.32) becomes 


or 



(5.33) 


where Vi is the molar volume of the liquid phase. Thus at room 
temperature the vapor pressure of water increases at the rate of 
(100 X 18.0)7(82.06 X 298.1) = 0.0734 per cent per atmosphere. 
At higher pressures, the equation 


PV == CRT 


may be used to substitute for the gas volume, and the equation 

Vi = 7o(l - ^P), (5.34) 

for the liquid volume. In this equation ^ is the isothermal 
coefficient of compressibility and is defined by the equation 



Hence Eq. (5.33) becomes 

fd In p\ Vo /l- /?P\ 
\ dP Jt RT\ C / 


(5.35) 


(5.36) 


This equation may be integrated by plotting the function 
(1 — pP)/C against the pressure and multiplying the area under 
the curve from zero to P by Yo/RT, in order to obtain In p/po> 
po is the vapor pressure of the pure substance at the temperature 
T, with zero external pressure on the liquid; p is the vapor 
pressure at the same temperature, when the liquid phase is 
under the pressure P. 

The value of the vapor pressure, computed by this method, 
represents the actual mechanical pressure as measured by some 
suitable gauge, and is not to be confused with the fugacity of the 
substance, which is equal to the product of the activity coefficient 
by the vapor pressure. Methods have already been discussed 
for computing the dependence of vapor pressure on temperature 
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and pressure, and for computing the dependence of fugacity on 
pressure [see Eq. (5.22)] and it is, therefore, of interest to investi- 
gate the change of fugacity with temperature at constant pressure. 

From Eq. (5.14) the difference between the free energy of a 
substance, at such a low pressure that the fugacity equals the 
pressure, and the free energy in the state of interest is 

F' -F = RT In L (5.37) 

In this equation the primed symbols indicate the low-pressure 
state. By differentiating this equation with respect to tempera- 
ture, while maintaining the pressure on each state constant — 
noting that d In f/dT at constant pressure does not change 
because/' equals the pressure — and substituting for (dF/dT)p in 
terms of (5.11), the following equation is obtained 



(5.38) 


where H' — H is the enthalpy change accompanying the vapor- 
ization of 1 mole of the substance into a vacuum from the state in 
question. 

6. Calculation of Change of Activity Coeflicient with Tem- 
perature. Illustration 2. — In illustration 1 it was found that the 
activity coefficient of CO 2 at a pressure of 200 atm. and 100°C. 
equals 0.624. Using Eq. (5.38), compute the activity coefficient 
of the CO 2 at 130°C. and 200 atm. 

Solution . — Equation (5.38) may readily be applied if a value 
for the heat of vaporization of CO 2 from 200 atm. down to zero 
pressure at lOO^C. may be obtained. A good approximation to 
this quantity may be computed from Eq. (2.20), based on the 
thermodynamic relation expressed by Eq. (2.18) and the Ber- 
thelot equation of state. Substituting the proper limits in 
(2.20) gives 


Hido — Ho 
and substituting 


9RTc 

128FcV 



T = 373°K. Pc = 73 atm. 

- To = 304.2°K. P = 200 atm. 


(5.39) 
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in this equation gives H^oo — Ho == —1,282 caL/mole, or the 
value of i?' — iJ to be substituted in Eq. (5.38) equals +1,282 
cal. 

Assuming H' — H to be substantially constant between 100 to 
130°C., Eq. (5.38) integrates into 


therefore, 




H' - H ( 1 l\ 

4.575 \Ti T 2 J' 

1,282 (30) _ 

4.575 (373) (403) 


fno = (1.137)(125) = 142 atm. and 7130 = 0.710. 


Dividing both sides of Eq. (5.39) by the absolute temperature 
and introducing the reduced pressure and reduced temperature 
give the folio vdng equation for the heat of vaporization into 
vacuum: 

H'-H^-9RPrf, 18 \ ,, ,,, 

T 12STr V Tr^/ 

Here again, as in the case of Eq. (5.23) for activity coefficients, it 
will be noticed that the so-called ideal heat of vaporization 
divided by the absolute temperature is a universal function of the 
reduced pressure and temperature and independent of the nature 
of the gas. Graphs of (H' — i?)/r, as a function of the reduced 
pressure for various values of the reduced temperature, have 
been prepared,® based on the same data used in constructing the 
universal activity coefficient curves. These curves may be used 
for rapidly estimating a useful approximate value for H' — H for 
almost any gas over a wide range of conditions. 

7. Equilibriums Involving Solutions and the Activity. — The 
conditions for equilibrium between solutions and the pure solid, 
liquid, or vapor components in equilibrium with the solution are 
essentially the same as the relations given above, with the excep- 
tion that partial molar quantities must be substituted for the 
components of liquid or solid solutions. Thus, if a solution of 
sodium chloride is in equilibrium with ice and solid NaCl at the 
eutectic temperature, the following equilibrium conditions apply: 

jPi = F 2, — E2, 
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where Fi and Fx represent the molar free energy and partial 
molar free energy of the ice and water in solution, respectively, 
and Fi and Fi are the molar free energy and partial molar free 
energy of the solid NaCl and dissolved NaCl respectively. 

The equations for the dependence of partial molar free energies 
on temperature and pressure are derived in a manner similar to 
Eqs. (5.6) and (5.10), giving 



(5.41) 


where V'x represents the partial molar volume of component 1, 
and the partial derivative is to be taken at constant temperature 
and composition. The change of partial molar free energy with 
temperature at constant pressure and composition is expressed 
by the equation 



(5.42) 


where Si and Rx are the partial molar entropy and partial molar 
heat content of component 1, respectively. 

The fugacity of a constituent in solution is defined analogously 
to that of a pure substance; thus 

Fx=RT\iifx-\-Bx. (5.43) 


The changes of fugacity of a dissolved constituent with respect to 
pressure and temperature are given by the equations 


( d In /A ^ Ti 
\ dP /T.if RT 

/din /A _Hx'-Hi 

V dT )p,N ~ BT^ ’ 


(5.44) 

(5.45) 


where Ex' — is the heat absorbed, when 1 mole of constituent 
1 vaporizes from such a large volume of solution that the com- 
position does not change appreciably into a vacuum. This 
quantity is the so-called “ideal” heat of vaporization. 

A quantity that has been found convenient in dealing with 
problems involving liquid and solid solutions is defined by the 
equation 



(5.46) 
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and is called the “activity.” Since/® is a constant representing 
the fugacity of the pure substance in some reference state chosen 
as the standard state, the activity is always proportional to the 
fugacity. As a general rule, the standard state for pure gases 
is the state of unit fugacity, which is practically indistinguishable 
from the gas at 1 atm. pressure. Consequently, when dealing 
with gases, a — /; either term can be used interchangeably, 
although it is customary to speak of the fugacity of gases and 
activities of the components of 1 quid and solid solutions. 

From Eq. (5.14) the free-energy change, accompanying the 
transfer of 1 mole of the substance from the standard state to one 
in which its fugacity is /, is giyen by the relation 

F - F° = RT In I = RT In a (5.47) 

or 

a = (5.48) 

« 

Thus, the activity is a numerical measure of the free energy of 
transfer of 1 mole of the substance from its standard state to the 
equilibrium system under discussion, and is a more convenient 
quantity for dealing with equilibrium problems than free energies. 
This point will become clearer as applications to concrete prob- 
lems are developed, when it will be found that the activity, and 
not the concentration in stoichiometric units, is a measure of the 
effective contribution of a substance in establishing equilibriums 
involving chemical changes, distribution between phases, electro- 
motive forces, etc. 

Whenever measurements are made on systems involving 
solutions at equilibrium by an instrument, such as the potenti- 
ometer, in which the observed electromotive force is determined 
by the molar or partial molar free energies of the substances 
contributing to the equilibrium state, it will be seen (Chap. VI) 
that the electromotive force is related in a definite manner to the 
activities of these constituents; but the relation between the 
activity and concentrations expressed by any of the usual means 
must be determined by actual chemical analyses on the equilib- 
rium system. In a few simple cases it is possible to eliminate 
the chemical analysis and transcribe the activities directly into 
stoichiometric units. The factor relating the concentration of a 
component to its activity is called the “activity coefficient.” 
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The numerical value of the activity coefficient will depend on 
the concentration units employed and the choice of standard 
state (L-Rj pp. 256-277). For nonaqueous solutions the 
standard states of solute and solvent are usually chosen so that 
in the infinitely dilute so ution the activity of each component 
becomes equal to its mole fraction, and the activity coefficient 
approaches unity. A convenient measure of the activity of a 
solvent possessing a measurable vapor pressure in solution is the 
ratio of the vapor pressure of the solvent from solution to its 
vapor pressure in the pure state. 

Since concentrations in aqueous solutions are customarily 
expressed as moles per 1,000 grams of water, the standard state 
of the solute is chosen so that the activity equals the molality 
in the infinitely dilute solution, and the activity coefficient equals 
unity. It is worth remembering that the standard state of 
solutes in aqueous solutions is a hypothetical state, in which the 
activity is unity and the partial molar volume, partial molar-jheat 
content, and partial molar-heat capacity are those of the solute 
at infinite dilution. Although the choice of standard states may 
seem to be entirely arbitrary, it will be noted that in the infinitely 
dilute solutions they do break down into the so-called laws’’ of 
perfect solutions and relate the fugacity of each component to 
their respective stoichiometric concentrations. 

In the case of strong electrolytes the followdng conventions 
have been adopted: 

For an acid, salt, or base which may be assumed completely 
ionized in accordance with the equation 

X = (5.49) 

where = moles, positive ions produced per mole of x, 

= moles, negative ions produced per mole of x, 
the measured activity, a, of x is related to the activities of the 
individual ions by means of the equation 

a — (a 4 .’'+)(a_*'-). (5.50) 

Since no wholly acceptable procedure has been devised for 
measuring the activities of the individual ions, the geometrical 
mean of the ion activities is computed from the equation 




(5.51) 
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In order to evaluate a mean ion activity coefficient, the mean 
moialit}" is defined in terms of the molality of x by the equation 

(5.52) 

and consequently the mean ion activity coefficient equals 


7± 


a± 

m± 


(5.53) 


Both the mean activity coefficient and mean molalit}" are defined 
so that the activity of x is given by the expression 

a = {y±m±)\ (5.54) 

When a is determined by some equilibrium measurement, then 
is computed from Eq. (5.51), the mean molality m is com- 
puted from Eq. (5.52), and the chemical analysis for m and 7 + 
is computed from Eq. (5.53). It is this value of the activity 
coefficient of an electrolyte that is recorded in tabulations of 
activity coefficients of electrolyses found in the literature. The 
activity^ coefficient has the particular properties that (1) in the 
absence of data on the temperature coefficient it may, as a first 
approximation, be assumed independent of temperature for 
moderate temperature variations; (2) it varies quite markedly 
with the concentration of the electrolytes in solution and is 
roughly the same in all solutions of the same ionic strength. The 
ionic strength n is defined by the summation equation: 

M == (5.55) 

where mi represents the molality of the fth ion, and Zi its valence. 

The details of the various methods employed for the determina- 
tion of activities are presented in Lewis and Randall (L-R, 
Chaps. XXII, XXIII, XXVI, and XXVII) in considerable 
detail and are listed here merely as a matter of review: 

1. Vapor-pressure measurements. 

2. Electromotive-force measurements. 

3. Distribution-ratio method. 

4. Solubility method. 

5. Freezing-point method. 

6. Boiling-point method. 

In addition, it is possible to compute activity coefficients in 
dilute solutions by means of the equations developed in the 
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Debye-Hiickel theory of electrolytes. Thus, the activity 
coefficient of the ion constituent i is given by the equation 


~ log = 


1 “b Bdi “x/m 


(5.56) 


and the mean ion activity coefficient 7+ of a binary electrolyte is 
expressed by the equation 


- log y± 


g-fjg-A \/ 11 

1 + J5ai Vm 


(5.57) 


In the above equation the log term refers to the base 10, A and B 
are constants for aqueous solutions at a given temperature, and 
Oi is an average effective diameter of all the ions in solution. It 
is of the order of several angstroms (2 — 5 X 10“*® cm.) and is 
usually obtained from the experimentally determined activity 
coefficients. The constants A and B have the following values 
in aqueous solutions: 


Temperature, °C. 

A 

B X 10-8 

18 

0.4992 1 

0.3272 

25 

0 5056 

0 3286 

38 

0.5186 

0.3314 


With a good guess for the value of a;, Eqs. (5.56) and (5.57) hold 
quite well for uni-univalent electrolytes up to concentrations of 
0.10 mole per liter and for bi-univalent electrolytes, up to about 
0.05 mole per liter. Although Lewis and Randall have defined 
the ionic strength on the basis of concentrations expressed as 
molalities, and the Debye equations employ concentrations on a 
mole per unit volume basis, either system can be used in the dilute 
region where these relations are applicable, 

Debye has also devised a theory for predicting activity 
coefficients of nonelectrolytes dissolved in solutions of elec- 
trolytes. For solutions of moderate ionic strengths the equation 
derived for computing the activity coefficient of the nonelec- 
trolyte is 

log T = fcM, (5.58) 

where the constant A: depends on the nature of the ions in solution, 
as well as the nonelectrolyte, and must be determined by experi- 
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ment. The chief point of interest in this equation is that the 
activity coefficientj and hence the escaping tendency of the non- 
electrolyte, must increase with increasing ionic strength or, in 
other words, the solubility should be decreased by the ions 
present. 

Since the activity is proportional to the fugacity, it follows 
that 

dlnf — din aj (5.69) 

and consequently the differential equations expressing the 
dependence of activity on temperature and pressure are identical 
wdth those derived for fugacities (5.44) and (5.45). 

One additional important relation is required in order to round 
out the basic theory for the use of fugacities and activities, i,e,, 
the dependence of these quantities on changes of composition at 
constant temperature and pressure. The fundamental equation 
of partial molar quantities may be expressed in the form [Eq. 
(3.30)] 

XndGi = 0, (5.60) 

where Gi is any partial molar property of the ith component and 
Ui is the corresponding number of moles of the zth component. 
In this case the partial molar property of interest is the partial 
molar free energy, which is related to the fugacity and activity 
by means of Eqs. (5.43) and (5.47), and therefore 

dPi = RTd In fi == BTd In au (5.61) 

Substituting in (5.60) gives the following equations for com- 
puting the changes in fugacity and activity, with composition at 
constant temperature and pressure: 

Tiid In/i + nd ln /2 + * * * = 0, * (5.62) 

7iid In di -f" In 612 d" ’ * * = 0. (5.63) 

These equations cannot be integrated directly, since no general 
algebraic relations exist between composition and escaping 
tendencies, which would permit analytical integration. Graph- 
ical integration of these equations is frequently employed, how- 
ever, to compute the activity of one component of a binary 
system, where the activity of the first component may be deter- 
mined by vapor-pressure measurements, freezing-point deter- 
minations, etc. 
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When the system under consideration contains n components, 
it is necessary to measure the activities of n-l components over 
a range of concentrations in order to obtain the activities of the 
nth component over the same range. Thus, if the activities of 
NaOH, NaCl, and H 2 O are required in a series of solutions of 
these three substances, it would be possible to determine the 
activity of the H 2 O by measuring its vapor pressure; the activity 
of the NaOH cou d be determined by suitable electromotive-force 
measurements; and the corresponding NaCl activities could be 
computed by graphical integration of the equation 

“ r mzd In as == f 55.51d In ai + f m^d In a^, (5.64) 


in which m 2 and m 3 represent the molalities of the NaOH and 
NaCl, respectively. Unfortunately, the technique of extra- 
polating these integrals to infinite dilution has not been developed 
to the same useful extent as in the case of binary solutions; 
consequently, this procedure is rarely used on systems contain- 
ing more than two components. 

8. Calculation of Solubilities from Free Energies of Solution. 
Illustration 3. — The free energy of solution of 1 mole of BaS 04 in 
water is +13,718 cal. Calculate: (a) the solubility of BaS 04 in 
pure water at 25°C., assuming the activity coefficient to be unity; 
( 6 ) the solubility based on a mean activity coefficient calculated 
from the Debye equation (5.57). 

Solution. — a. For the transfer process indicated by the equation 

(1) BaS04(c) = Ba"*^ + 80“ (sat. soio? 

AF = 0, since the solid is in equilibrium with the saturated 
solution; and for the transfer, 

(2) BaS04(sat. sol.) — Ba'^(ag) 

+ SO 4 ( 02 ), AF = +13,718 cal-, 

where the subscript (aq) indicates BaS 04 in a solution of unit 
activity. Consequently the free energy of solution corresponds 
to the transfer 


BaS 04 (c) Ba’^(a 2 ) + SO 4 (aq) AF = 13,718 cal. 
which, from Eq. (5.47) defining activity, can be expressed as 

ai 

; 

^^sat. sol. 


AF = i2T In 
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where ai = activity of BaS04 in the state of unit activity = L 
Usat. sol. = activity of BaS04 in the saturated solution, which 
from Eqs. (5.52)-(5.54) equals (y±m±y. 

Assuming y± = 1, soi. = m±- — since in this case the 
molality and mean molality are the same. Therefore 

AF = 13,718 = (4.575) (298.1) log^, 
or 

lo 710 

- 

Therefore 

m = 9.38 X 10”® mole BaS04 per kilogram H2O. 

6. In order to estimate the activity coefficient in a saturated 
solution of BaS04, the ionic strength is first computed [Eq. (5.55)] 

p. = M[9.3 X 10-®(4) + 9.3 X 10”®(4)] = 37.2 X 10”®. 

Substituting 

A = 0.5056 
B = 0.3286 X 10^ 

in Eq. 5.57 and estimating = 4 X 10”® cm. give 


- log 7± 
Therefore 

Consequently 

Therefore 


_ (4)(0.5056) V37.2 X 10"® _ nni99. 

1 + 0.3286(4) V37.2 X 10”® 

y±= 0.972. 

a8at,8oi. = m2(0.972)2. 


log 0.972m 


m 


5.028 

9.38 X 10”® 
0.972 


= 9.65 


X 10”® mole BaS04 per liter. 


Within the accuracy with which solubilities of highly insoluble 
compounds are known, it makes little difference whether molal- 
ities or activities are employed. It is interesting to note, 
however, that even in a solution as dilute as 10”®m, activity coeffi- 
cients of bi-bivalent compounds are noticeably less than unity. 
In the use of free-energy data to evaluate solubilities, it is 
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important that solubilities be expressed as stoichiometric 
molalities and not as mean molalities. Thus, if m± computed 
for Ca(OH )2 were 2 X 10“^, the stoichiometric molality (5.52) 
would be 1.26 X 10“^ mole per 1,000 grams H 2 O. 

9. Evaluation of Enthalpy Changes Accompanying Vaporiza- 
tion and Fusion from Change of Escaping Tendencies with 
Temperature. — Equations (5.28), (5.30), (5.38), and (5.45) may 
readily be integrated for computing the change of escaping 
tendency with temperature, provided that the requisite enthalpy 
data are available. Quite frequently the process is reversed, 
and LH is computed from the observed change of vapor pressure, 
fugacity, or activity with temperature. 

Either Eq. (5.28) or (5.30) may be used to compute heats of 
vaporization if the vapor is at such pressures that deviations 
from ideality are not too serious. Strictly speaking, Eq. (5.29) 
should be applied when the vapor-pressure data have been 
obtained by the static method over liquids under their own 
saturation pressures; Eq. (5.31) should be used when the vapor 
pressures have been obtained by the dynamic method under a 
constant total pressure. As pointed out in Sec. 5, the two Ajy^s 
are somewhat different in a physical sense, but the numerical 
difference is generally less than the accuracy of the calculations 
as a whole. 

10. Calculation of Ai7 of Vaporization from Vapor Pressures. 

Illustration 4. — The heat of vaporization of HNOscz) has been 
indirectly evaluated from heat of solution data by Berthelot 
to be 7,260 cal./mole at 18°C. (B-R). On the basis of the 
following measured vapor pressures^ of 100 per cent nitric acid, 
derive an independent value for the heat of vaporization: 

Temperature, °C 

Vapor pressure (mm. Hg) 

Solution , — For the transformation 

HN03(I) = HNOac. -vap. prew.), 

Eq. (5.29) 

dlnp _ AH 
dT BT^ 

may be integrated by expressing AH as a function of temperature 
by means of the equation 


0 12.5 25.0 

15.9 31.5 62.1 
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dAH 

dT 


= ACp. 


The I.C.T. value for the heat capacity of liquid HNO3 is 29 
cal./mole, and the heat capacity of gaseous HNO3 is estimated 
to be 12 cal.; hence ACp is — 17 and 

AH = AJ?o - 17T. 

Substituting this expression in Eq. (5.29) and integrating give 

E In p + 17 In r = 7 - ^ = X- 


Three values for S are then computed from the equation 
2 = 4.575 log p + 39.15 log T, 

by substituting the foregoing vapor pressures and temperatures. 
AH may then be obtained from the slope of the 2 — 1/7 plot 
or by algebraic solution of the three 2 equations. The average 
value for AHo obtained by this method is 14,080, and from the 
equation 

AH = 14,080 - 177, 

the heat of vaporization at 18®C. is found to be 9,130 cal./mole. 
The heat of vaporization at the normal boiling point (359°K.), 
computed from this equation, is 7,980 cal., which is equivalent 
to a Trouton’s constant of 22.2. Since the HONO 2 molecules 
in the liquid state probably undergo a certain amount of hydrogen 
bonding, a high Trouton’s constant, rather than a low value, is 
to be expected. 

The foregoing evaluation of AH has been based on vapor- 
pressure data obtained by the static method between 0.021 and 
0.082 atm. pressure of HNO 3 , and, strictly speaking, is not 
identical with the AH of vaporization at 1 atm. Furthermore, in 
accordance with the discussion in Chap. II, Sec. 11, the equation 


dAH 

dT 


ACp 


is only approximately correct for calculating the temperature 
coefficient of heats of vaporization, and the assumption of ideal 
gas behavior for HNO3 is probably quite bad. Consequently 
the calculated value for the heat of vaporization of pure HNOg is 
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only an approximate value, but is probably better than the value 
7,260 cal. at 18°C., which when corrected to the normal boiling 
point would give a Trouton^s constant of about 17. 


Heats of fusion may be deduced from data on the temperature 
variation of liquid-solid equilibriums in binary systems, where 
the composition of the two phases in equilibrium has been 
established. The procedure is straightforward for those systems 
in which the solid phase is either a pure solid or solid solution 
of the two components. Cons der the case in which pure 1 
crystallizes from a solution of 1 and 2 under equilibrium condi- 
tions. The partial molar free energy, of 1, in the solution, 
referred to pure liquid 1 as the reference state, is 

= BT In ai = BT In yiNi, (5.65) 

where Fi^ equals the molar free energy of pure liquid 1, Ni 
represents the mole fraction of 1 in solution, and yi is the corre- 
sponding activity coeflS.cient. Since the system is in equilibrium 

Fi = F\.s, (5.66) 


where F°i.s represents the constant molar free energy of pure, 
solid 1 at the temperature T of the system. Substituting the 
value of Fi from Eq. (5.65) in (5.66) gives 

F^i-s = F^i + BT In yiNx (5.67) 

or 

F\ - F\., = -BT In riM. (5.68) 

In this equation — F^u^ represents the molar free energy of 
pure liquid 1, minus the molar free energy of solid 1; and the 
corresponding enthalpy change is the molar-heat content of the 
liquid, less the molar-heat content of the solid; in other words, 
AHi, the heat of fusion of component 1. Consequently Eq. (5.12) 
may be used to compute the change of In ai with temperature 
by substituting the heat of fusion AiJi for the AH term in this 
equation. Equation (5.12) becomes 


^(In ti-ATi) 


dT 


\p 


AHi 

BT^ 


(5.69) 
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or 


AHi 

R' 


fd in yiN 


T 



(5.70) 


Thus, the slope of the log yiNi vs. IJT plot multiplied by 4.575 
equals the heat of fusion of component 1 . 

When the solid phase in equilibrium with the binary solution 
is a solid solution of the two components, the conditions for 
equilibrium can be written: 

F I = jP'i(s.s.) (5.71) 

F^ = i?^ 2 (s.s.) (5.72) 

where the unprimed symbols refer to the liquid phase and the 
primed, to the solid-solution phase. Choosing the pure liquid 
and pure solid components as the reference states for the liquid 
and solid phases, respectively, leads to the equations 

+ RT In TiiV'i = Fi°' + RT In 71 W 1 ', (5.73) 

F 2 ° + RT In 72 iV ’2 = F 2 °' + RT In 72 W 2 '. (5.74) 

Therefore 

= RT In (5.76) 

- F2°' = RT hi (5.76) 

Since in Eqs. (5.75) and (5.76) the free-energy differences 
represent the difference between the molar free energies in the 
pure liquid and solid states, it follows that the accompanying 
enthalpy changes are the heats of fusion of the pure substances. 
Hence the temperature coefficients of Eqs. (5.75) and (5.76) are 
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and a similar equation applies for AH 2 . Hence the heat of fusion 
equals 4.575 times the slope of the log yiNi/yiNi vs. 1/T plot. 

In view of the paucity of data on activity coefficients in all but 
aqueous systems, it is customary in applying these equations to 
assume that the activity coefficients equal unity and to employ 
this procedure on dilute solutions. An excellent summary of this 
branch of thermochemistry applied to inorganic substances has 
been prepared by Kelley.® 

11. Estimation of AH of Fusion from Melting Point-com- 
position Data. Illustration 5. — Morey and Bowen report the 
following melting points in the system Na2Si03~Si02: 


Temperature, ®K , 

1000/T 

Mole, per cent 
Na2Si03 

1361.1 

0.7347 

100.00 

1359.6 

0.7355 

99.23 

1304.1 

fi.7668 

82.32 

1274 1 

0.7849 

79.27 

1136 1 

0.8802 

63.42 


Estimate the molar heat of fusion of Na2Si03 and the entropy 
of fusion at the melting point from these data. 



1000 y_ 


Fig. 6. — Melting points in the system Na 2 Si 03 -Si 02 . 

Solution . — Since the solid phase in equilibrium with the solu- 
tions of the indicated compositions is known to be Na2Si03 and 
not a solid solution or other complex phase, Eq. (5.70) may be 
employed. In order to minimize the error introduced by the 
assumption of unit activity coefficients and constant heat of 
fusion, only the first four points in the dilute Si02 region will be 
employed. 
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These data are presented in the form of a log iV — 1/T plot 
on Fig. 6. It will be noticed that the experimental points 
deviate appreciably from the straight line, as drawn, indicating 
no great accuracy for the heat of fusion obtained from these data. 
The estimated heat of fusion read from the plot is 10,100 cal. 
The entropy of fusion at the melting point is 


10,100 

1,361 


7.4 E.U. 


Although experimental errors undoubtedly account for some 
of the deviations of the individual points from the straight line, it 
is more likely in this case that the activity coefficients of the 
silicate differ appreciably from unity due to various types of 
intermolecular or interionic forces in the molten solution of the 
two components. Since the change of heat of fusion between 
these extremes of temperatures is certainly less than 1,000 cal., the 
uncertainty introduced by neglect of this factor is negligible. 
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CHAPTER VI 


EQUILIBRIUMS IN CHEMICAL PROCESSES 
AND THE FREE-ENERGY CHANGE 

1. The Third Law of Thermodynamics. — Before we proceed 
with the subject of the evaluation of free-energy changes accom- 
panying chemical reactions, a brief discussion of the third law of 
thermodynamics is essential. The free-energy change corre- 
sponding to the process under consideration may be computed 
from Eq. (1.9), defining the free-energy change, namely, 

AF = AH - TAS. (6.1) 

Methods have been discussed for computing the enthalpy change 
accompanying a given physical or chemical transformation under 
any conditions of temperature or pressure of interest, provided 
the requisite fundamental data are available. The problem is, 
therefore, to compute the AS term in Eq. (6.1) in order to solve 
for AF. Although several other methods will be discussed for 
evaluating AF, the method based on the direct use of this equation 
will be found to offer the most extensive and perhaps the most 
accurate possibilities for applications in all branches of chemistry. 

From the definition of the entropy change accompanying a 
reversible process [Eq. (1.5)], it follows that the entropy change, 
experienced by a substance when heated from Ti to T 2 at constant 
pressure, is 

If, for example, it is possible to express Cp as a function of tem- 
perature in the range of interest by means of Eq. (2.11), integra- 
tion of (6.2) gives ’ 

S 2 - = alnp^ + i(T2 - Ti) + 1 (Tr^ - Tr^) (6.3) 

for the entropy change accompanying the heating of a pure 
substance from Ti to in the absence of changes of state or 

86 
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crystallographic transitions. If any of these changes occur 
between the temperatures of interest, it is necessary to add the 
term 

2 ^ (6.4) 

where AHi represents the increase in enthalpy occurring at the 
temperature at which the two phases are in equilibrium (Tr), 
due allowance being made for the difference in heat capacities 
of the various phases encountered in passing from Ti to 7 ^ 2 . 
Thus it is possible to compute the entropies of pure substances 
relative to some definite temperature if the necessary heat 
capacity and heat of transition data are available. If the 
absolute zero is chosen as the reference temperature, the entropy 
at the temperature T is then 



In accordance with the third law, the entropy at the absolute zero 
of temperature of any phase of sharply specifiable energy' is zero; 
consequently 

= Q ( 6 . 6 ) 

in Eq. (6.5). The reason for the qualifying phrase ‘^sharply 
specifiable energy” will be discussed in Chap. VII along with 
certain apparent contradictions to the law, after a brief discussion 
of the statistical calculations of entropies has been presented. 

Thus by suitable extrapolation of the heat capacities of the 
elements and pure compounds measured from room temperature 
down to some low temperature near the melting point of H 2 
(15°K.) or the boiling point of O 2 (90°K.), it is possible to build 
up a table of standard entropies of all known pure substances, 
which may then be used to calculate the AS of any desired 
chemical reaction. The AS for any process is computed by 
subtracting the sum of the entropies of the substances con- 
stituting the initial state of the system from the sum of the 
entropies of the substances in the final state, at the temperature 
in question. Since at low temperatures heat capacities vary 
quite rapidly with temperature and approach zero with approach 
to the absolute zero, it is necessary to resort to graphical integra- 
tion of Eq. (6.5). Methods for performing this integration are 
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described in detail in Lewis and Randall and Parks and Huffman/ 
and are discussed in Chap. VII, in connection with the use of 
Debye specific heat functions for performing the extrapolation 
to O^K. 

2. The Equilibrium Constant and the Standard Free-energy 
Change. — Consider the chemical change of state represented by 
the equation 

bR + cC + * • • = VB' + c'C' + — • , (6.7) 

where the capital letters designate species, the small letters the 
number of moles of each species involved, and the primed letters 
refer to the products formed. Let the activities in the actual 
initial and final states be as, do ^ , ds ^ do . . . ; then from 

the definition of activity (5.47) it follows that the difference 
between the molar free energy of each substance in the actual 
system and in some convenient reference state chosen as the 
standard state is 

Fb — Fb° = RT In dB, 

Fc - Fc" = RT In dcy etc. 

Therefore the molar free energies in the actual system are 


Fb = RT In (6.8) 

.Fc = RT In at? + etc., (6.9) 

or for the actual number of moles of each substance involved 

IFb = RT In a/ + (6.10) 

cFc = RT In ac'^ + etc. (6.11) 


The corresponding free-energy change for the actual process is 
AR = VFb' + c'Fc' + • — - {hFB + cFc + — (6.12) 

Substituting Eqs. (6.10) and (6.11) in (6.12) gives 


AF = Rr In 

Os- ■ ac' • • • + + c'Fc° + • • • 

ttB*’ - ac° • • • 


Therefore 

- Q}Fb° + cFc° + 

• • • )■ 


AP = RT In ' - + AF°. 

as'‘ ■ ac° • • • 

(6.13) 
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If now the transformation represented by Eq. (6.7) is visualized 
to take place when the system is at equilibriumj NF = 0, and 
therefore 

= RT In — ' = RT In K, (6.14) 

CLb ' CLc * ‘ * 

where the activities are no longer general but refer to their value 
in the system at equilibrium, and AF® represents the free-energy 
change corresponding to the production of the indicated number 
of moles of F', C", • • • in their standard states (state of unit 
activity) from h moles of jB, c moles of C, etc., in their standard 
states. 

There is a tendency among some students to overestimate 
the importance of the left-hand side of Eq. (6.14) and neglect its 
significance in terms of the equivalent numerical value of the 
equilibrium constant K. When, for example, the standard 
free-energy change of a given reaction at room temperature is of 
the order of —50,000 cal., there is little doubt that the reaction 
will go to completion within some reasonable range of tempera- 
tures, provided a catalyst may be found that will make the 
reaction go at a measurable rate. On the other hand, when the 
free-energy change is of the order of, say, -)-6,000 cal., there is a 
tendency to conclude that it is only necessary to ‘‘push’' this 
much energy into the system in order to produce the number of 
moles indicated by the chemical equation from the corresponding 
moles of reactants. It is true that if the reaction were adaptable 
to being performed in an electrolytic cell, the minimum amount of 
electrical energy required for the production indicated by the 
chemical equation would be 6,000 cal. or 25,000 joules; but, unless 
the products of electrolysis were continuously withdrawn! from the 
field of the reaction, the cell process would become extremely 
inefl&cient or cease altogether. However, since most reactions 
are not usually carried out in electrolytic cells but in ordinary 
reaction vessels, the significance of the +6,000 cal. resides in the 
equivalent numerical value of K, which determines the maximum 
conversions obtainable in the reaction system with all the indi- 
cated components present. If one (or more) of the products 
escapes from the reaction zone as a vapor or precipitated solid, 
the reaction then goes to completion; but this fact is known in a 
qualitative way from Le Chatelier’s principle without recourse to 
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free energy. In such cases the total enthalpy changes involved 
are important, since these data determine the amount of heat 
that must be supplied to the reaction system in order to make the 
reaction go and maintain temperatures that give practical rates 
of reaction. 

Another regrettable tendency is to condemn a reaction as being 
unworkable simply on the basis of a moderately positive free- 
energy change. Here again, the actual equilibrium constant 
should be evaluated over a series of temperatures, and the maxi- 
mum conversions attainable computed for a range of concentra- 
tions and pressures. 

3. Dependence of Equilibrium Conversion on Reaction Type. 

Illustration 1. — In order to demonstrate more definitely the 
numerical significance of a positive free-energy change, consider 
the following three types of gas phase reactions at a constant 
pressure of 1 atm.: 


(1) 

A+B== C, 

(2) 

A + B = 2C, 

(3) 

A + B — 3(7. 


In the first reaction a contraction in volume occurs, in the 
second no change of volume occurs, and in the third case an 
increase in volume occurs. Assuming that the standard free- 
energy change for all three reactions at 300°C. is +2,620 cal., 
compute the mole per cent conversion of A or attainable at 
equilibrium when starting with an initially equimolar mixture 
of A and B. 

Solution, — Since = 2,620 cal., 

-2,620 = In X = 4.575(573) log K] 

therefore 

K = id-k 

Case 1. A + -B = C. 

If riA = = n = initial moles of A or .B and 100a: = mole 

per cent of A or B converted at equilibrium, 

S moles at equilibrium = 2n{l — x) + na; = n{2 — a:). 

’Therefore 

P _ P _ ^(1 ~ p _ 

^ ^ n(2 -x) n{2 - x) 
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Therefore 

~ = O'l and solving gives x 

Case 2. A B = 2C. 

In this case, 


0.046. 


Ko. = 


(1 - x)' 


= 0.1 


and 


X = 0.136. 


Case 3. A + B = 3C. 

In this case 2 moles at equilibrium = w(2 + a:) 


Therefore 

Kz = 


Pa = Pb = 


27a;* 


(1 - 
2 + a: 


Pc = 


3a; 

2 + x 


= 0.1 


and 


X = 0.18. 


(2 + a;)(l — x)- 

Thus it will be noted that, although in the first case the maxi- 
mum conversion attainable for the specified concentrations would 
only be 4.6 per cent, in the second and third cases the conversions 
would be 13.6 and 18 per cent, respectively. Furthermore, since 
the first reaction occurs with a contraction in volume, pressure 
would have an advantageous effect on this equilibrium. These 
calculations emphasize the necessity for actually computing some 
equilibrium conversions before rejecting a reaction as being 
economically unattractive, merely on the basis of a moderately 
positive standard free-energy change. A number of profitable 
industrial processes are known that operate on smaller conver- 
sions than 15 per cent. 

4. The Change of the Equilibrium Constant with Temperature. 

By deducting the sum of the coefficients representing the change 
of standard free energies with temperature from the correspond- 
ing sum for the products of the reaction, the following equation is 
obtained for the temperature dependence of the standard free- 
energy change of a chenoical reaction [see Eq. (5.11)]: 

dAF°\ Af “ - AH 

dT )p T 




or, in the more familiar form, 


(6.15) 
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dlnK _ AH 
dT RT^' 


From this equation it will be seen that the direction in which an 
equilibrium is shifted by temperature depends solely on the 
enthalpy change of the reaction and not the entropy change. If 
AH is positive (endothermic reaction), K increases with increasing 
temperature; whereas, if heat is liberated by the process, K 
decreases with increasing temperature, and the maximum 
theoretical conversions obtainable at equilibrium decrease. The 
possibility of AH changing sign with temperature should not, 
however, be overlooked. 

When the temperature range of interest is small or the accuracy 
of the enthalpy data does not w^arrant the formulation of AH as a 
function of temperature, Eq. (6.17) is integrated on the assump- 
tion that AH is constant, giving 


_ AH ( T, ~ T\ 
Ai 4.575 V . TiTi )' 


(6. 18'! 


In the general case, AH is expressed as a function of tempera- 
ture by means of Eq. (4.7) or (4.8), depending on the heat- 
capacity function employed. Thus, substituting Eq. (4.7) in 
(6.17) gives 


din A 
dT 


Affo + AaT -f ^ ^ 

__ 


(6.19) 


which when integrated and rearranged yields 

Rln K - Aaln T - ^ T - ^ = I - ^ = '2/, (6-20) 


where I equals a constant of integration. When heat capacities 
are expressed by means of equations of the form 

= a + hT - cT-^, 

the equation corresponding to (6.20) is 
Rln K - Aaln T - ^ T + ~ = I - ^ ^ 


2 - 
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In order to apply Eqs. (6.20) and (6.21), it is necessary to know 

(a) one or more values of K at definite temperatures, (5) the heat- 
capacity constants Aa, etc., and (c) the heat of the reaction at a 
definite temperature in order to determine AHq, 

Since Eqs. (6.20) and (6.21) are perhaps the most important 
equations in the field of chemical thermodynamics from the 
chemist^s viewpoint, and since methods for determining items 

(b) and (c) have already been discussed, it would appear pertinent 
at this point to summarize the different methods employed for 
evaluating the integration constants of these equations. 

1. Direct experimental determination of ^ at a series of 
temperatures. 

2. Measurements of the necessary enthalpy and entropy data 
required for use in conjunction with the equation 

Af ° = Aif - TAS. 


3. Calculation of the standard free-energy change correspond- 
ing to the reaction in question from the measured electromotive 
force of a suitable cell. 

4. Computation of AE° for the reaction from standard free 
energies of formation of the substances involved, if already 
known. 

5. Direct Measurements of Equilibrium Constants. — As an 

illustration of the method for determining the integration 
constant of the In K T equation from equilibrium data, the 
following example, based on the direct measurement of the 
equilibrium in the system Sn02 — H 2 — Sn — H 2 O, will be 
considered. 

Illustration 2. — Emmett and Shultz- measured the equilibrium 
constant corresponding to the reaction 

3^^Sn02(c) + H2(g) = J-^Sn{2) + H20(ff), (6.22) 

in a modified static system, which permitted recirculation of the 
gas phase over the solid phase until no further change in pressure 
was observed. Since the partial pressure of H 2 O was maintained 
constant by passing the H 2 through a thermostatted water 
saturator at a definite temperature, it was only necessary to 
measure the total pressure on the system and deduct the H 2 O 
pressure corresponding to the saturator temperature in order to 
obtain the partial pressure of hydrogen. These investigators 
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report the following values for the ratio Phoo/Phs at the following 
temperatures: 


Temperature, °C. PhoO /PHj 

650 i.66 

700 2.22 

750 2.84 

800 3.53 


a. Derive an equation for the equilibrium constant for this 
reaction as a function of temperature of the form of Eq. (6.21). 

h. Compute the standard free-energy and entropy changes for 
the reaction 


J4Sn02(c) + H2(ff) = J4Sn(c) + H20(f;), (6.23) 

at 25°C. 

Solution. — a. With the standard states as indicated by Eq. 
(6.22), the equilibrium constant for this reaction is given by the 
equation 



Since the authors record Phso/Phs as the equilibrium constant, 
the solubility of Sn 02 in liquid tin must be small enough so that 
the activity of the tin remains constant. The following calcula- 
tions ^assume that such is the case. 

Evaluation of ACp for the reaction 

J^Sn02(c) + H2((/) = 3^Sn(c) + H20(f,). 

3^Sn(c) Cp = 2.53 + 2.40 X 
H20(,) Cp - 7.00 -h 2.77 X IQ-^P 
Sum = 9.53 + 5.17 X lO^-^P 
Hsc) Cp = 6.62 + 0.81 X 10-^T 
HSnOscc) Cp = 6.97 -h 2.83 X 10“^^ - 1,26 X 
Sum = 13.59 + 3.64 X lO-^P - 1.26 X 

Therefore 

ACp = -4.06 -h 1.53 X lO-^P + 1.26 X lO^P-^, (6.24) 
Consequently AH for this reaction is 

AH = AHo - 4,06P + 0.765 X lO^^r^ __ i 26 X (6.25) 



Sec. 5] EQUILIBRIUMS IN CHEMICAL PROCESSES 95 

From Bichowsky and Eossini the following heats of formation 
at 18°C. are obtained: 

HaOcfl) AH = -57,801 cal. 

J^Sn02(c) AH = —69,050 cal. 

AH [reaction (6.23)] = 11,250 cal. at 18°C. 

Substituting this value in Eq. (6.25) and solving for AHo yield 

ah = 12,800 - 4.06r + 0.765 X - 1.26 X WT-K 

At the melting point of tin (504.9°K.) the heat of this reaction is 

AH = 10,700 cal. 

Consequently, adding reaction (6.23) 

J4SnO»(<;) + H^g) = 3^Sn(<.) + H20((i) 

and 

>^Sn(c) = HSn(Z) AH = 860 cal. 
gives reaction (6.22) 

34Sn02(i!) + H2(ff) = J^Sn(Z) + H20crt 

for which 

AF 604.9 = 10,700 + 860 = 11,560 cal. 

Since the heat capacity of liquid tin is different from the heat 
capacity of solid tin, a new heat-capacity function must be 
derived for reaction (6.22) . 

MSncz, Cp = 3.3 

HsOtrt Cp = 7.00 -b 2.77 X IQ-^f 
Sum = 10.3 + 2.77 X 10-®r 
H2(rt Cp = 6.62 -1- 0.81 X 10-*r 
KSnOaco Cp = 6.97 -f 2.83 X IQ-^T - 1.26 X lO^T-^ 

Sum = 13.59 + 3.64 X 10-*r - 1.26 X lO^^-^ 

ACp = -3.29 - 0.87 X lOr^T -f 1.26 X WT-K (6.26) 

Therefore 

AH = AHo- 3.297 - 0.435 X lO-^T^ - 1.26 X 10^T-\ (6.27) 

Substituting Aff 504.9 in Eq. (6.27) permits the' determination of 
AHo and therefore 

AH = 13,580 - 3.297 - 0.435 X lO'^T^ 

- 1.26 X 10^7-1. (6.28) 
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From Eqs. (6.26) and (6.27) it will be seen that the constants to 
be substituted in the \xi K — T equation have the following 
values; 

Aa = -3.29 A6 = -0.87 X IQ-^ Ac = -J.26 X 10® 
A/7o = 13,580. 

Consequently 

4.575 log K + 7.57 log T + 0.435 X IQ-^T - 0.63 X lO^F-^ 

+ 13^ = 7. (6.29) 

Substituting the above values for K = Phjo/Phc in this 
equation gives the following computed values for I: 


Temperature, °K. 

K'^ 

I 

923.1 

1.66 

38.50 

973,1 

2.22 

38.51 

1023.1 

2.84 

38.49 

1073.1 

3.53 

38.50 



Av. 38.50 


Substituting the above average value for I in Eq. (6.29) and 
rearranging give the following required equation for computing 
the equilibrium constant of the reaction expressed by Eq. (6.22): 

log K = 8.415 - 1.66 log T - 9.51 X IQ-^T - 2968^-^ 

+ 1.38 X (6.30) 

b. In order to obtain the standard free-energy change for 
reaction (6.23) at 26°C., Eq. (6.30) may be used to compute AF° 
at 504.9°K., where liquid and solid tin are in equilibrium. Thus 
log jK^ 504.9 = —1.944, and since 

AF" = -RT in K, AF% 04.9 = +4,490 cal. 

The heat of reaction (6.23) is given by Eq. (6.25) with 


AHo = 12,800. 

Substituting this equation in (6.16) gives 
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/ 12,800 - 4.06T + 0.765 X - 1.26 X lO^T-A 

" V T^- ) 

which when integrated yields 


dT, 

(6.31) 


= -12,800 - 4.06r In T + 0.765 X lO-^T^ 

+ 0.63 X lO^T-i + FT. (6.32) 


The integration constant 7' may be determined from the value 
for AF° at 504.9°K. Solving in this manner, the following 
equation is obtained for reaction (6.23) : 


-AF° = -12,800 - 9.36T log T + 0.765 X IQ-^T^ 

+ 0.63 X lO^T-i + 41.18T, (6.33) 

and therefore 

A7^°298.i — 7,150 cal. 


A>S298.1 = 


AH - AF° __ 11,250 - 7,150 
T 298.1 


= 13.75 cal./deg. 


The above heat-capacity equations have been taken from the 
compilation of Kelley, with the exception of the value for H20(o) 
which is due to Gordon.® No attempt has been made to correct 
the heat of formation of Sn 02 for crystallographic transitions, 
since these heats of transition are of smaller magnitude than the 
uncertainty in the B-R value for the heat of formation of Sn02. 
For this same reason and the fact that the heat-capacity equation 
for Sn 02 is an estimated one, it has been considered advisable to 
ignore the jS to 7 transition in tin at 161 °C. 

6. Calculation of I from the Third Law. — In Sec. 5 it was 
found that the integration constant I of the equation expressing 
Tl as a function of T could be evaluated from a few experimental 
determinations of X, in conjunction with auxiliary data consisting 
of one value for the heat of the reaction and the heat capacities 
of the substances involved. When these same auxiliary data are 
available, plus the heat capacities of each of the substances 
involved down to low temperatures (<90°K.), it is possible to 
make a third-law calculation of the entropies of the various 
substances in their reference states, and hence compute the AS 
term in the equation 


AF° = AH - TAS, 
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Thus, for the reaction considered in Sec. 5, 

J^Sn02(c) + H2(f?) = 3^Sn(c) + H20(^), 

it will be seen by consulting Chap. VIII that the third-law 
entropies of all these substances are known at 25 °C. ; hence it is 
possible to compute AS^qs.i and compare this value with the value 
derived from the equilibrium studies of Emmett and Schultz. - 

AS = /ShsO + — Sm “ SlyiiinOz (6.34) 

AS 298.1 = 45.13 + 6.15 - 31.23 - 6.25 = 13.80 cal./deg. 

In illustration 2h, it will be noticed that the standard entropy 
change at 25°C., computed from equilibrium measurements, is 
13.75 cal./deg. The excellent agreement betvreen the two 
entropy changes, arrived at by such widely different types of 
experimental techniques, is probably fortuitous in this case, 
owing to uncertainties in the auxiliary data employed in the above 
illustrative problem. Having obtained A>S 298 .i from the third 
law and knowing the heat of the reaction, we may readily com- 
pute AJ^° 298 .i; hence the integration constant of the AF^ — T ox 
In jfiC — T equation may be obtained. 

The following problem is designed to illustrate the use of third- 
law entropies in estimating decomposition temperatures of pure 
compounds as a matter of laboratory interest. 

7. Use of Third Law in Predicting Decomposition Pressures. 
Illustration 3. — Moist silver carbonate is to be dried in an oven 
at 110°C. Should CO 2 be circulated through the oven in order 
to repress decomposition and, if so, what is the minimum per- 
centage CO 2 to be maintained in the drying air? 

Solution,— Assuming that the course of the decomposition is 
represented by the equation 

Ag2C03(c) = Ag20(c) + C02(f/), (6.35) 


the decomposition pressure at any temperature may be com- 
puted from the equilibrium constant of this reaction. Thus, 


K = Pc02 



(6.36) 


and if no solid solutions are formed, K = Pcoj. 
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The entropies of these substances are found in Tables 7, 21, 
and 34, Chap. \TII, and con.sequently 

AS 298 .I = <So02 + SassO — <S'as»COj (6.37) 

A<S 298 .i = 51.08 + 29.09 - 40.0 = 40.17 cal./deg. 

From B-R the heat of the reaction is 


AH = -94,036 - 6,950 + 119,900 = 18,910 cal. 

Heat-capacity data at elevated temperatures are not available 
for Ag 2 C 03 and Ag 20 ; consequently these items are estimated 
from Kopp’s law (Chap. II, Sec. 4) as 26.2 and 16.4 cal./deg., 
respectively. Using 9.6 as a rough average for the heat capacity 
of CO 2 gives 

ACp = 9.6 + 16.4 - 26.2 ~ 0; 


hence the AH of the reaction is substantially constant with 
temperature. Substituting the appropriate values in Eq. (6.17) 
and integrating give 


log Pcos = 


-18,910 j 

4.5757 




(6.38) 


The integration constant may readily be determined from the 
AH and AfS, given above; thus. 


AF°298.1 

-4.5757 log Pco 2 


log PcOs 


18,910 - 40.177, 
18,910 - 40.177, 
-4,138 40.17. 

7 ■*" 4.575’ 


consequently, the integration constant of Eq. (6.38) is 

AS29S.1 


2.303P 


= 8.780. 


Therefore 


log Pco, = -h 8.780 


and, at 383. 1°K., 

log Pco 2 = + 8.780 = -2.022, 

Poos = 9.51 X 10~® atm. 


(6.39) 
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In other words, if the drying air contains about 1 to 2 per cent 
CO 2 by volume, the decomposition of the Ag 2 C 03 should be 
repressed at 110°C. 

8. Calculation of I from Electromotive-force Measurements. — 

One of the most convenient and accurate procedures for perform- 
ing physical and chemical changes of state under reversible, 
isothermal conditions is by means of electrochemical processes. 
Since the free-energy decrease suffered by a system in going from 
the initial to the final state at constant pressure is the non- 
mechanical work obtainable under reversible, isothermal condi- 
tions, it follows that the electrical work produced by the change 
in state also measures the free-energy decrease. Now, whenever 
Q coulombs of electricity are transferred from a point of lower 
potential to a point E volts above it, the electrical work done is by 
definition, EQ; hence 

-AF = EQ. (6.40) 

For chemical purposes the unit quantity of electricity is not the 
single coulomb, but the number of coulombs required to deposit 
the gram equivalent of a univalent substance, which is called the 
^^faraday” and equals 96,494 coulombs. Thus, if the electro- 
chemical process under consideration involves the passage of 
N faradays of electricity at a potential of E volts, the free-energy 
decrease is 

— AF = 96,494iVF in joules (6.41) 

or 

— AF = 23,066^^^7 in calories. (6.42) 

In order to be able to measure the E corresponding to the 
required change in state, it is necessary for the change of state 
to take place under conditions yielding electrical energy. This 
can be done if the process can be treated as an oxidation-reduction 
reaction, which can be made to take place in a cell consisting of 
two electrodes, in which the oxidation process occurs at one 
electrode and the reduction process at the other. Thus, if a cell 
is visualized as consisting of an inert metal electrode, such as 
platinum, surrounded by an atmosphere of hydrogen, plus a 
similar electrode surrounded by an atmosphere of chlorine, with 
both electrodes dipping in a solution of HCl of definite molality, 
as represented by the scheme 
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(.¥)H 2 ; KCKm); CyM), (6.43) 

then the processes that occur in such a cell, when the electrodes 
are connected externally by means of an electrical conductor, are 
Oxidation: 

3^H2(£^) == (6.44) 

Reduction: 

J^Chcf/) + 6“* = Cl“(HCl,»n). (6.45) 

Consequently the over-all change in state for the cell as a Avhole 
corresponds to the process 

= H*^Cl~(w). (6.46) 

If electricity were permitted to flow through this cell, and if 
this cell contained a large enough quantity of hydrochloric acid — 
such that the formation of additional HCl made little difference 
in the acid concentration — and the electromotive force were 
measured from time to time, it would be found that the potential 
constantly decreased and the rate of formation of HCl declined. 
Closer examination of conditions within the cell would disclose 
sensible concentration and temperature gradients; hence, such a 
process is not the reversible process required to evaluate free- 
energy changes. Fortunately, it is not necessary to measure the 
electrical energy produced by the actual formation of a whole 
mole of HCl; but if the electromotive force developed by the 
formation of an infinitesimal quantity of HCl be measured by a 
potentiometer, such a process is reversible when the two are in 
balance. It is only necessary to multiply this reversible electro- 
motive force by the quantity of electricity that would have to 
flow in order to produce a mole to determine — AF. If the Hs 
and CI 2 are at 1 atm. pressure, the measured electromotive force 
may readily be adjusted to the value for these substances in their 
standard reference state of unit fugacity. If the activity 
coefficient of the HCl at the molality m is known, it is then 
possible to compute the standard free energy of formation of 
HCl in solution at unit activity. 

In dealing with electrochemical problems, it is well to hear in 
mind the following accepted conventions regarding cells and their 
electromotive forces: 
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а. In the absence of a wholly acceptable, unambiguous 
method for determining potentials on an absolute scale, the 
potential of the electrode, 

at* all temperatures is taken as zero, when the H 2 is present at 
unit fugacity and the mean ion activity of the hydrogen ion in 
solution equals unity. In the absence of notation to the con- 
trary, all gases are to be considered at unit fugacity. 

б. The single electrode potential of any other half cell is equal 
to the electromotive force of the whole cell, formed by combining 
it with the standard hydrogen electrode defined in a — all con- 
centrations corresponding to unit activity for solutions and unit 
fugacities for gases. Thus, in the case of the chlorine electrode 
employed in the above cell, the standard single electrode potential 
of the chlorine electrode represents the electromotive force of the 
whole cell: 

; {Pt)CW = 1) ; HC1(«^1) ; H2(/ = 1) {Pt) (6.47) 

for which = -1.358 volts at 25°C. 

c. All couples are written with the reduced form on the left- 
hand side of the half-cell equation and electrons on the right-hand 
side. The oxidizing electrode, or the one at which electrons are 
given off, is placed on the left side of the cell representation; and 
the reducing electrode, or the electrode at which electrons are 
absorbed, is placed on the right. If the sum of the half-cell 
potentials is positive when arranged in this manner, the cell 
reaction can take place spontaneously and the system experiences 
a decrease in free energy. If the sum is negative, the process 
cannot take place in the direction indicated without the applica- 
tion of an external electromotive force and the expenditure of 
electrical energy from an external source. Thus, according 
to these conventions, the following processes occur in the cell: 

Zn; ZnS 04 (mo il CuS 04 (^.); Gu. (6.48) 

Left; Oxidation: 

Zn = Zn++ + 2e“ Ep = 0.762 volt. (6.49) 
Right: Reduction: 

Cu++ -t- 2c- - Cu -£^ 2 ° = -(-0.345) volt. (6.50) 



103 


Sec. 8] EQUILIBRIUMS IN CHEMICAL PROCESSES 

Adding these two half-cell equations gives 

Zn -1- Cu++ == Zn-H- + Cu, (6.51) 

for* the over-all change of state. The net electromotive force 
of the cell is 

- Ei^ + (-E 2 °) = 0.762 + 0.345 = 1.107 volts, 

and the reaction will go in the direction written. It will be 
noticed that, in performing the addition, the sign of E 2 ^ has been 
reversed. This is because the sign of all recorded half-cell 
potentials corresponds to the half-cell reaction written with the 
reduced form on the left side and the electrons on the right; 
since the half-cell process was written in the opposite direction, 
the opposite sign must be used. 

Again, consider the cell, 

Ag; AgNOsc^.) II Cu(N 03 ) 2 c^.) ; Cu. (6.52) 

Left: Oxidation: 

2Ag = 2Ag+ + 2e-' Ei° = -0.800 volt 6.53) 
Right: Reduction: 

Cu++ -+ 26“ = Cu = -(-0.345) volt. (6.54) 

By addition, the over-all change of state is 

2Ag + = 2Ag-^ + Cu, (6.55) 

apd the over-all electromotive force is 

E° = Ei° + (-.^ 2 °) = -0.455 volt. 

Thus, this cell cannot function spontaneously in the direction 
indicated and silver cannot reduce cupric ion. In general, the 
reduced form of any couple that is more positive than a second 
couple is capable of reducing the oxidized form of the second 
couple. 

It will be noticed that the two cells represented by (6.48) and 
(6.52) contain two different electrolytes separated by a double 
bar. This symbol is used to indicate the existence of a liquid- 
liquid potential at the junction of the two electrolytes, which has 
been deducted from electromotive force of the cell. That is, the 
over-all electromotive forces given for these cells represent just 
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the sum of the electromotive forces for the two half cells, the 
actual measured values being somewhat greater or less than this 
value by the magnitude of the liquid-liquid potential. 

d. The calculation of electromotive forces of single couples or 
complete cells may be performed when the fugacities and activi- 
ties of all the substances involved in the cell process are known. 
It has been found that the free-energy change accompanying the 
reaction 

bB + cC + - ^ = VB' + c'C' 4- - • • 


is given by the equation 

= RT\a. . (6.13) 

Substituting — AF = NFE [Eq. (6.41)] in (6.13) gives the 
desired equation for computing electromotive forces of voltaic 
cells, 

-ms + = RT In - 


or 


E = E° 


RT , * * * 

W a/ • ac^ • • * ■ 


(6.56) 


The significance of becomes clear when unity is substituted 
for each activity in the logarithmic term. The electromotive 
force of the cell is then 

E = E% (6.57) 


In other words, E° is the electromotive force of the cell when the 
activity of each substance involved equals unity; that is, each 
substance is in its reference state. 

In a similar manner it may be shown that the electromotive 
force corresponding to the half-cell reaction, 

bB- + cC- + — ^ = yB' -f yC' + ‘ + Ne-, (6.58) 


is given by the equation 




' 

dB-^ * dc-"" ‘ * * 


(6.59) 


where the left-hand side of the equation contains substances in 
the reduced state. At 25°C. the coefficient of the logarithmic 
term becomes equal to 0.05914, when E is in volts and the log 
term refers to the base 10. 
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e. In some cases, it is not possible to devise a cell capable of 
producing the desired change of state, owing to unavoidable side 
reactions, irreversibility of electrodes, etc. However, if the 
corresponding AF° can be evaluated by any of the other standard 
methods and if the reaction can be resolved into two half-cell 
reactions, one of which has a knowm then obviously the true 
E° value for the unmeasurable half-cell reaction can be computed. 

9. Evaluation of AF^ and aS°' of Formation from Electro- 
motive-force Measurements. Illustration 4. — The cell, 

Pm ^) ; HClc^), AgCl(.) ; Ag, (6.60) 

has been the subject of a number of careful researches, and 
the heat capacities of AgCl(c) and Ag(c) have been measured down 
to low enough temperatures to permit evaluation of the entropy 
of these substances at 298. 1®K. Calculate 

а. The standard electrode potential of this cell from the 
observation that the electromotive force of the cell equals 
+0.4586 volt at 25°C., when the HCl molality equals 0.0112, 
and the fugacity of the H 2 equals unity; 

б. The standard free energy of formation of HCl in aqueous 
solution at unit activity; 

c. The standard entropy of formation of HCl in aqueous 
solution at unit activity and the entropy of the chloride ion. 

Solution. — a. The change of state for the cell represented by 
(6.60) is the sum of the two half-cell processes: 

Oxidation: 

MH 2 = H+ + e- Ex (6.61) 

Reduction: 

AgCl(c) + e“ = Ag(c) + Cl"” — JSJ 2 (6.62) 

Over-all change of state: 

J'-^H2 + AgCl(c) = Ag(c) + HC1 («i=0.0112). 

Total electromotive force: 

E = E, + i-E,) = El E2° - 
Therefore 

Ei° = -E - ^ In (ymYnci, (6.63) 

since the observed E corresponds to fm = 1, and by convention 
Ei° = 0 . 
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Referring to Fig. 19, Appendix 4, the activity coefficient of HCl 
at = 0.0112 is 0.903; therefore 

J^ 2 ° = -0.4586 - 2(0.05914) log (0.903) (0,01 12) 

= -0.4586 - 0.1183 log 1.0114 X lO"-" = -0.2220 volt. 

6. The standard electromotive force of cell (6.60) is 

+ (-^^ 2 ®) - 0 + 0 . 2220 , 

consequently the standard free-energy change for this process is 

-AF‘^ 298.1 = NEE = 23,066(0.2220) = 5,121 cal. 

In order to evaluate the free energy of formation of HCl in its 
standard state, the free energy of formation of AgCl(c) must be 
evaluated from the third law. In Tables 6, 15, and 33 of 
Chap. VIII, are found the appropriate entropies to substitute 
in the equation for the entropy of formation of AgCl: 

A^f298,i = /Sasci - = 22.97 - 10.2 - 26.66 

= -.13.89. (6.64) 

The heat of formation of AgCl(c) is given in B-R as —30,300 
cal.; hence 

AF^ 98 .i = -30,300 + 298.1(13.89) = -26,160 cal./mole. 

Combining this value with the standard free-energy change for 
cell (6.60) gives 

AF'^ 298.1 = —31,280 cal. 

for the formation of 1 mole of HCl in aqueous solution at unit 
activity. 

c. The standard entropy of formation of HCl at unit activity 
may be evaluated from the known heat of formation in the 
standard reference state. The standard state for electrolytes in 
water is the hypothetical state of unit activity with the heat 
content equal to its value at infinite dilution. From Chap. Ill, 
Sec. 2, this value is —39,943 cal./mole, corresponding to the 
process, 

<«H20 + KH2<.) + HChi,) = HCl • 

AH = -39,943. (6.65) 
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Combining this value with the above value for AF° gives 


AS" 


298.1 


AH - AF^ _ -39,943 + 31,280 
T 298.1 


-29.06. 


Since electromotive-force calculations are based on the con- 
ventions that the free-energy and heat content of the hydrogen 
ion at unit activity and all temperatures equals zero, it also 
follows that the entropy of the under these conditions equals 
zero and, therefore, this AS" of formation equals the AS" of 
formation of Cl" at unit activity. The entropy of Cl“ under 
these conditions is therefore 


AS" = -29.06 = S"a- - S^^h. - Shci.. (6.66) 

Therefore 


= -29.06 + 42.27 = +13.21 cal./(mole)(deg.). 


10. Computation of AF" from Known Free Energies of For- 
mation of Substances Involved. — constantly increasing list of 
compounds of known free energies of formation at 25"C. is being 
developed. These values have been determined by one or more 
of the three fundamental methods just described, namely, 
equilibrium measurements, the third law, or electromotive-force 
measurements. Eventually, the free energies of formation of all 
known compounds will be available, and it will be possible to 
compute the standard free-energy change of any reaction at 25°C. 
by simple addition and subtraction of free energies of formation. 

It should be remembered, however, that this is only a small 
part of the data requiredTor the successful study of the equilib- 
rium of physical and chemical processes. Equally important 
data on enthalpy changes and heat capacities are required in 
order to evolve a useful picture of the behavior of the sys- 
tem under varying conditions of temperature, pressure, and 
concentrations. 

11. Evaluation of Enthalpy and Entropy Changes from Electro- 
motive-force Data. — If the relation — AP° = iVFJB" is substituted 
in Eq. (6.11), the following equation is obtained: 


or 


d(-iV'FJS^")l _ -iVFJ^" - AH 
dT \p T ' 





(6.67) 

( 6 . 68 ) 
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or 


Since 

it follows that 


AH = + NFT 



AH = AF^ + TAS^, 


(6.69) 


= NF (6.70) 

Thus, when the temperature coefficient of the standard electro- 
motive force of a cell has been determined experimentally, it is 
possible to compute the enthalpy and entropy changes corre- 
sponding to the change of state occurring in the cell by means of 
Eqs. (6.69) and (6.70). 

Illustration 5. — The electromotive force and temperature 
coefficient of the cell: 


Ag; AgCl, MC1(„.), HgCl; Hg, (6.71) 


have been measured by Gerke.'* From the fact that = 0.0456 
volt and {dE^/dT) = 3.38 X volt/deg. at 25‘^C., evaluate: 

а. the change of state occurring in this cell when 1 faraday of 
electricity passes through the cell; 

б. the standard free-energy, enthalpy, and entropy changes 
corresponding to the cell process; 

c. the free energy and heat of formation of HgCl(c) and the 
entropy of HgCl(c). Use necessary auxiliary data from illustra- 
tion 4. The entropy of liquid Hg at 25°C. equals 18.5 cal./ (deg.) 
(g. atom). 

Solution. — a. The cell process is the sum of 
Oxidation : 


Cl -f- Ag(c) = AgCl(c) + e 

and reduction: 


e + HgCl(c) = Hg(j) + Cl 

Over-all : 

Ag(c) + HgClcc) = AgCl(c) + Hg(Z). (6.72) 

h. -AF° 298 .i = (23,066) (0.0455) = 1,050 cal. 

From Eq. (6.68) 

A/? = (23,066) (298.1) ^3.38 X 10-^ - f" ' )’ 

AF29$.i = (23,066) (298.1) (1.854) 10-" = 1,275 cal. 
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From Eq. (6.70) 

AS° = (23,066) (3.38) 10“^ == 7.796 cal. /degree. 

c. To compute the free energy and heat of formation of 
HgClo: 

For reaction (6.72): 

AF°298.1 ~ — 1,050 = AF^akCI — AF^HeCI 
A7f298.x ~ 1,2/5 = AHasci — AHuzcu 

From illustration 4 : 

AF°aeci = -26,160, AHa,ci = -30,300. 

Therefore 

AF^heci = -26,160 + 1,050 = -25,110 cal./mole. 
Therefore 

AFagn = -30,300 - 1,275 = -31,575 cal./mole. 

Since the entropy of AgChc) = 22.97 units at 25°C. and 

AS° “ 7.80 = >SAEa "h -She — Sheci — Sae, 

Sheci == 22.97 + 18.5 - 10.2 - 7.80 = 23.47 caL/(mole)(deg.). 

12. Evaluation of Heats of Reaction from Equilibrium Meas- 
urements. — It is possible to obtain reliable values for heats of 
reaction and heats of formation from a series of measured 
equilibrium constants when the necessary heat capacities are 
available. Referring to Eq. (6.21) for In vs. T, it will be noted 

All 

that the quantity S, which is equal to 7 is directly 

computable from the experimental quantity, 

'^ = R\nK- AalnT -^T -Ir — T-K (6.73) 

Consequently, if calculated values for S are plotted vs.-l/T, the 
slope of this straight-line plot gives AHq directly, and the heat 
of the reaction may be computed at any other temperature from 
the relation 

AH = AHo + Aar + y + AcT-i. 
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By this method it is very often possible to supplement indirect 
calorimetric data of questionable accuracy with more reliable 
values. 

Illustration 6. — The NH of formation of CrCUfc) recorded in 
B-R is —103,100. Since this datum was obtained indirectly 
from heats of solution measurements, an independent determina- 
tion of the heat of formation would be desirable. Doerner^ 
obtained the following equilibrium constants for the reaction 

CrCl2(c) + H2(e) = Cr(.) + 2HClto): (6.74) 


Temperature, ®C. 
632 
677 
725 
772 
806 


1.976 X 10“5 
6.614 X 10-5 
2.104 X 10-4 
5.533 X 10-4 
1.120 X 10-5 


where K = P^uci/Pm and the pressures are in atmospheres. 

u. Derive an expression for the AH of this reaction as a function 
of temperature. 

6. Compute the heat of formation of CrChcc) at 18 °C. The 
heat of formation of HClc^,) is —22,060 cal./mole at 18°C. 

Solution. — a. The constants of the S function may be evaluated 
from the constants of the equation for ACp. 

For reaction (6.74): 


2HC1(,) Cp = 13.40 + 1.68 X lO'^r 
Cr(e) Cp - 4.84 + 2.95 X lO-^T 
Sum - 18.24 + 4.63 X lO^^T 
CrCl2(c) Cp = 15.23 + 5.30 X IQ-^T 
H2(,) Cp = 6.62 + 0.81 X 10-^T 
Sum = 21.85 + 6.11 X IQ-^T 

Therefore 

ACp == -3.61 - 1.48 X lO-^T. (6.75) 

The constants to be substituted in the S Eq. (6.73) are 
Aa = -3.61 A6 = -1.48 X lO^^ Ac = 0. 


Therefore 

S = 4.575 log K + 3.61(2.303) log T + 0.74 X 10”"r. (6.76) 

Substituting the above values for K and T in this equation gives 
the following values for S: 
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Temperature, 

°I\. 

log T 

A' 

— 4.575 log K 

■S' 

905 

2.95665 

1.976 X 10-5 

21.521 

3.729 

950 

2.97772 

6.614 X 10-5 

19. 121 

6.340 

998 

2.99913 

2.104 X 10-^ 

16.822 1 

8.852 

1045 

3-01912 

5.533 X 10-4 

14.901 

10.973 

1079 

3.03302 

1 

1 . 120 X 10-5 

1 

13.500 

1 

12.513 


These values of 2 are plotted versus 1/Ton Fig. 7. The estimated 
slope of the graph corresponds to a AHq of 49,300 cal. The 
required equation for the heat 
of this reaction is, therefore 

AH = 49,300 - 3.61T 

- 0.74 X 10-^T\ (6.77) 

&. The heat of the reaction 
at 18°C. is then 

AJ!?29i.i “ 49,300 
- 3.61(291.1) - (7.4)(2.91)2 
= 48,190 cal. 

Consequently 

48,190 = Ajf72HCl — AiJcrOs* 

Therefore 

AiJcrci. = “44,120 - 48,190 
= —92,310 cal./mole. 

The above data may also be 
employed to evaluate I, and 
hence the equation for the 
standard free-energy change 
of this reaction. The usual 
procedure is to compute I for 
each value of K employing 
the average value of AHq esti- 
mated from the 2 — 1/T plot. These values of I are then 
averaged and the average value is used to complete the equation 
for AF^ or In as a function of T. By this method Doerner 
obtained 38,528 cal. for AF° at 25°C. for reaction (6.74), corre- 
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sponding to a free energy of formation of CrClofc) of —84,080 
cal. /mole. 

13. Effect of Pressure on the Equilibrium Constant. — Since 
the of a reaction represents the difference between the sums 
of the molar free energies of the products and reactants entering 
a given reaction in their chosen reference states, and since these 
quantities depend only on the temperature, it follows that the 
equilibrium constant for the reaction defined by the equation 

K = (g 73) 

depends only on the temperature and is independent of the 
pressure. However, in the derivation of this equation the actual 
molar free energy of each constituent present in the system was 
expressed by means of an equation of the form 

Fi - F° = RT In Gij (6.79) 

consequently it is important that the stoichiometric units 
employed to evaluate K are true measures of the difference 
between the molar free energies in the reference states and in the 
actual equilibrium system. When dealing with gaseous systems 
at pressures less than 3 or 4 atm., the partial pressures of the 
individual components of the system may be used as this measure; 
hence 

Fi - FF - RT In Pi =- RT In NiP, (6.80) 

where P represents the total pressure on the system. At higher 
pressures, fugacities or the true thermodynamic measure of the 
escaping tendency must be employed. When this is done, the 
expression for the equilibrium constant (6.14) becomes 


K = 


• • • * 


(6.81) 


As pointed out in Chap. V, Sec. 4, it is customary to assume 
that, in a mixture of gases, the fugacity of each component in the 
mixture is 

(6.82) 

where fF represents the fugacity of the pure fth component at the 
total pressure P on the system. Substituting these values in 
Eq. (6,81) gives: 
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K = 


(Jb^HJc^ — • Nb^-Nc^ ^ — 


Or substituting = Ti°-P, since 


by assumption, yields 


Tt 


Pi P' 


(6.83) 


* • ‘ AV' • • • • 

• - * AV • Nc^ • * • 


pb'-hc'-h (6+c+***J 

(6.84) 


Equation (6.84) is adaptable to practical applications, since 
estimated activity coefficients may readily be obtained from the 
universal charts of activity coefficients as a function of reduced 
pressures and temperatures. 
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CHAPTER VH 

SPECIAL METHODS (THEORETICAL) 

Technical problems frequently arise, in which it is necessary 
to estimate or guess at thermochemical data required to evaluate 
a preliminary answer to them. Since these problems are usually 
concerned with gross heat effects accompanying a certain process 
or equilibrium conditions and their dependence on temperature, 
the data to be estimated may consist of one or more of the follow- 
ing items: (a) heat capacities; (5) enthalpy changes accompanying 
changes of state or crystallograpliic transitions; (c) enthalpy 
changes accompanying chemical reactions; (d) entropies and 
entropy changes; (e) free-energy changes. Fundamentally, item 
(e) need not be regarded as a separate entity, since free-energy 
changes may be computed from the other four items when avail- 
able; consequently the direct estimation of free energies is of 
more theoretical than practical importance. Some generaliza- 
tions have been given for estimating enthalpy changes accom- 
panying fusion and vaporization processes (Chap. Ill), but 
unfortunately, as pointed out in Chap. IV, no theoretically 
sound methods are available for estimating enthalpy changes in 
chemical reactions. Consequently, it will be found that most 
of the theoretical or semiempirical methods available for com- 
puting thermochemical data are concerned chiefly with the heat 
capacities and entropies of solids and gases. For convenience 
the subject matter of Chaps. VII and VIII has been divided into 
theoretical and semiempirical methods. 

1. Partition Functions. — From theoretical considerations, in 
conjunction with the experimental data obtained from spec- 
troscopy and the measurement of heat capacities of gases, it is 
known that molecules in the gaseous state possess internal energy, 
in addition to the external energy associated with the three 
translational degrees of freedom of the molecule. This internal 
energy is distributed over degrees of freedom which are associated 
with the mutual vibrations of its constituent nuclei (vibrational 
degrees of freedom), with the rotation of the molecule as a whole 
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(rotational degrees of freedom), and ^dth changes of configuration 
of its constituent electrons. In addition there are numerous 
cases involving single bonds connecting groups of atoms, about 
which rotational motion of these groups is possible. These 
internal degrees of freedom differ from the translational degrees 
of freedom in that the energy associated vith any given degree 
of freedom cannot assume a continuous series of values but is 
restricted to a series of discrete values called energy levels or 
^'stationary states.’^ For this reason it is customary to treat the 
internal energy of a gas separately from its translational energy, 
and, accordingly, the internal energy of a molecule may be 
expressed by the equation 


€i = 6rot. + etrot. + €vib. + €el.« (^*1) 

Obviously, if equations can be developed for computing the 
number of molecules per mole occupying each energy level at any 
temperature, and if some experimental procedure is available for 
determining the energy of each level above the lowest vibrational 
and rotational state of the lowest electronic jevel, these energies, 
when multiplied by the number in each level and summed over 
all possible levels, will give the internal energy per mole of the 
gas referred to the absolute zero, f.e., the energy in excess of 
the zero-point energy. And since, by definition, the heat 
capacity at constant volume is the derivative of E with respect 
to Tj the "internal” heat capacity may be calculated at any 
temperature. Furthermore, the entropy of the gas by the third 

law is Cd In T; consequently, after C has been computed, the 

entropy associated with the internal degrees of freedom may be 
evaluated. In a similar manner the other thermodynamic func- 
tions of interest are derived. It is then necessary to add only 
the contribution from translational degrees of freedom in order 
to obtain the usual thermodynamic functions to be employed in 
practical thermochemical considerations. 

It will be shown, actually, in Sec. 2, that aU the required 
thermodynamic functions may be computed by performing 
yarious algebraic operations on one single quantity, which is a 
characteristic of the gas under consideration at any temperature. 
This quantity is called the "partition function” or "state sum” 
and is defined by the equation 
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Q = + • • ■ = (7.2) 

In this equation e, represents the energy of any level above the 
ground level, k the Boltzmann constant (R divided by the 
Avogadro number), and Pi represents the number of levels, 
po.ssessing energy differing by such small amounts from the value 
«, that, for all practical purposes, these groups of levels may be 
treated as p. levels of identical energy, e,. The p’s are called 
“statistical weights,” “quantum weights,” or, sometimes, the 
“degeneracy of the level.” The appropriate numerical values 
to be substituted for the energy levels are obtained from the 
experimental data of spectroscopy, and the statistical weights are 
furnished by the theoretical results of the quantum mechanics. 
The derivation of the Boltzmann factor, is given in 

Tolman, “Statistical Mechanics.”^ 

2. General Treatment. — The following is an outline of the 
method for computing thermodynamic functions of perfect gases 
from partition functions, as given by Giauque^ in 1930. The 
energy levels and partition functions considered are those corre- 
sponding to internal degrees of freedom. If A represents the 
number of molecules per mole in the lowest internal energy state 
or ground level; then, according to the Maxwell-Boltzmann 
distribution law, the number of molecules in any state possessing 
the energy e< above the ground level at the absolute temperature 
T is 

N, = (7.3) 

Since N molecules are distributed over all possible energy levels, 
N — Apo -b + Ap2e~'^*^ 4- . • • = 

= AQ. (7.4) 

According to Eq. (7.4), the partition function for the internal 
degrees of freedom represents the reciprocal of the mole fraction 
of the molecules occupying the ground level. 'From Eq. (7.3), 
the ith energy level contributes ergs of energy 

to the molar internal energy; hence the total internal energy at 
the temperature T is 

E\,. = + opoA -4- aiApie-'"'"’’ + eaApsC-^^^^ + • • • , (7.5) 

where Eb° represents the energy at the absolute zero (the zero- 
point energy) and the zero superscript indicates the ideal gas 
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state at 1 atm., since the internal energy levels contributing to 
(7.5) are not influenced by intermolecular forces. Thus the 
internal energy in excess of the zero-point energy is 

Substituting A from (7.4) gives 



Hence the internal heat capacity at constant volume is 


dT fern \ 2pe-‘-'-V J 

or. substituting from (7.6), 


P d rdlnQl_ R d^ln Q 
^ If [d{l/T)\ dWW' 


(7.8) 


The entropy associated with the internal degrees of freedom is, 
therefore, 

dS = ^d\nT. (7.9) 

Substituting (7.8) gives 

( 7 . 10 ) 

Therefore 


S- - = R[\nQ - In Q, + T 


dlnQ 


(7.11) 


In this equation Qo represents the value of the partition function 
at the absolute zero, which is simply po — the number of levels 
having substantially the same energy as the ground level. Since 
entropy is proportional to the logarithm of the number of states or 
configurations in which a system of fixed energy may exist, it 
follows that 

So^ = R In Qo = R In po, (7.12) 

and, therefore, the internal entropy at the temperature T is 

,s“-ii:(inQ + r^^)- 


(7.13) 
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It should be noted that, although Eqs. (7.8) and (7.13) repre- 
sent compact analytical equations for C and Sj they are actually 
employed in the form of summation equations, such as X7.7),.for 
actual numerical calculations. Thus the Q sum must be com- 
puted by substituting the appropriate p, €, and T values in (7.2), 
d In 0 

and may be computed from these same values using the 

summation equation 


d In Q _ 1 

dT Q ' 


(7.14) 


Furthermore, although the values of p and e are independent of 
temperature, the contribution of a given energy level to the 
various sums is sharply dependent on temperature because 
of the exponential factor. When the ratio of e to A; r is seven or 
greater, the exponential factor is less than 0.00091; hence the 
contribution of this level to the various sums may be neglected. 

The total entropy may now be evaluated by adding the con- 
tribution from the three translational degrees of freedom to 
Eq. (7.13), using the well-known Sackur-Tetrode equation for 
the entropy of translation of a perfect gas : 

^y^RlnM + y2Rl^T - R\nP + %R + C 

-fi^lnE, (7.15) 

where C is a universal constant, M is the molecular weight of the 
gas, and P is in atmospheres. Substituting 

(7 + E In E = -”7.267 

gives 

SV = MB In M -t- In T - jB In P -(- ME - 7.267. (7.16) 

At the customary reference state of 1 atm. pressure and 298. 1°K., 
this becomes 

- 6.863 log ikf -f- 26.00. (7.17) 

The free energy of 1 mole of a perfect gas in excess of its zero- 
point energy may now be computed as follows: 

By definition 

P° = -b PF - 


(7.18) 
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Xow, the energy content of 1 mole of a perfect gas may be 
expressed as the sum of the zero-point energy, plus the energy of 
internal degrees of freedom [Eq. (7.6)] and the translational 
energy. This latter item is equal to ^,RT by the principle of 
equipartition of energy, and PV is equal to RT for a perfect gas; 
hence Eq. (7.18) becomes 


F° = + RT- + ^RT + RT - TSt°, (7.19) 

where RT- is the internal energy associated with the 

internal degrees of freedom alone. Substituting Eq. (7.13) plus 
(7.16) for St° finally yields 


= RT In P - y 2 RT In M - %RT In T 

- RT In Q + 7.267T. (7.20) 

Examination of Eq. (7.20) shows that the computation of the 
molar free energy in excess of the zero-point energy is consider- 
ably easier than the computation of either heat capacities or 
entropies, since only the comparatively simple Q sum need be 
evaluated. This is fortunate in view of the fact that the equi- 
librium constant is of more interest than either of these two 
functions. Thus, if Eq. (7.20) is divided through by T, a 
quantity is obtained that directly measures the contribution of 
each substance to the equilibrium constant of the reaction in 
question. 


^ RlnP - ^Rln iM -MRlnT 

- R la Q + 7.267. (7.21) 

3. Use of Tables of (F^ — EiT)/T , — Data obtained from the 
analyses of the band spectra of molecules have supplied the 
necessary values for the energy levels of a good many molecules 
and have been employed to compute the various thermodynamic 
functions of these molecules via Eq. (7.2), (7.8), (7,13), and 
(7.21). Since Eq. (7.21) is particularly important in thermo- 
chemical calculations, the method of handling tabulated values 
of the function (F° — Eq°)/T will be considered in some detail. 
The standard free-energy change for the reaction, 

H2Cff) + MOaca) = H20cff), 


(7.22) 
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is equal to 

- MF°o. - (7.23) 

If the equation AEq° = E°omiO) ~ }'2^°0tO3) ~~ E°o(Ui) is sub- 
tracted from Eq. (7.23), the equation 

AE° - AEo° = {F° - Eo°)h=o -}i{F° - ■Eo°)o.. 

- (F° - Eo°)h= (7.24) 


is obtained. Substituting aF° = -RT\r\K in (7.24) gives 


-RlnK 


AEo” , (F° - Ea°\ I (F° - Eo°\ 

+ V 7^ ;h,o 2 V T Jo. 

- 


(7.25) 


Thus, since partition functions have been computed for the 
H 2 O, Hs, and O 2 molecules from energy levels deduced from the 
band spectra of these molecules, values for the (F° — Eo°)/T 
functions are then computed from Eq. (7.21), in the desired 
range of temperatures, and substituted in Eq. (7.25). However, 
it will be noticed that the constant AEo° representing the change 
in the zero-point energy for reaction (7.22) must still be evaluated 
in order to compute numerical values of K. There are three 
methods available for evaluating AEo°, of which the first is by 
far the most widely used. 

a. The standard heat of the reaction is determined calori- 
metricaliy, and AEq° is then computed from the relations 


H° E° + RT 

E° = Eo° -\-\rT + RT^ 

and, therefore, 

AE,° = AH° - A {rT^ + I (7.26) 

h, AEq^ may be computed from the relation 

- -RT InK = A(F° - + AE,° (7.27) 

when both K and the A(F° — Eq°) term are accurately known for 
at least one temperature. 

c. AEq^ may be computed from the heats of dissociation of 
diatomic gases obtained from spectroscopic data. This method 
is discussed in Sec, 12. 
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From this it can be seen that, although tabulated values of the 
function (F° — Eq^)/T for elements and compounds may be 
added and subtracted in the same way as ordinary free energies 
of formation are handled, the evaluation of the for the 

reaction in question requires a somewhat special technique of 
computation before values for K can be derived. 

In general, the problem of computing rigorously correct values 
for partition functions is a complicated process, requiring that 
eveiy possible rotational, vibrational, and electronic energy level 
be taken into consideration in performing the indicated sum- 
mations, due attention being paid to the use of the correct 
statistical weights (p’s) of the various levels. As a matter of 
fact, the band spectrum of a molecule containing more than two 
atoms is so complex that a complete picture of all the possible 
energy levels of the molecule that are likely to be occupied at 
temperatures within reason is almost out of the question. Com- 
putations of the thermodynamic functions of most diatomic 
molecules have already been performed when the necessary 
spectroscopic data were available; for more complicated mole- 
cules, it is necessary to use certain approximate methods dis- 
cussed in Sec. 5. As an illustration of the use of these rigorous 
procedures, the heat capacity, entropy, and free energy of the 
simplest possible system will be performed, namely, oxygen 
atoms possessing only electronic levels. 

4. Calculation of Atomic Thermodynamic Functions. Illus- 
tration 1. — ^The energy levels of atomic oxygen and their corre- 
sponding statistical w’eights are tabulated as follows, in 
Landolt-Bomstein, ‘‘Physikalisch-chemische Tabellen,” 5th ed., 
3d sup. voL, part II, p. 777, 1935: 


Term 

Frequency 
separation, cm.”^ 

Statistical 
weight, — 

^P2 

Ground level 

5 

^Pi 

157.4 

3 


1 226.1 

1 


15,807 

5 

^So 

33,662 

1 


Calculate: 

а. The partition function at 298.1"’, 1000°, and 2000°K. 

б. (F° - £ro°)/Tat 298.1°, 1000°, and 2000°K. 
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c. The standard entropy of O(^) at 298. 1®K, 

d. The heat capacity at 298. 1°K. 

Solution. — a. In order to compute the various terms in the 
Q sum, it is necessary to convert the above energies expressed in 
reciprocal centimeters (wave numbers) into true energy units to 
correspond with hT. Accordingly, the energies of the various 
levels above the ground level vill be expressed in calories per 
mole; and the Boltzmann factors are then vith R = 1.987. 
The energy equivalent to a given frequency may be computed 
from the fundamental relation between energy and mechanical 
frequency 

€ = hv, (7.28) 

where v represents the frequency in cycles per second and h is 
Planck^s proportionality constant (6.547 X 10”^^ erg sec.). 
Since c = \v^ where c is the velocity of light (2.9977 X 10^° cm. 
sec.”^) and X is the wave length (centimeters) corresponding to 
the frequency it follows that the above values for the frequency 
separation of the levels (1/X) must be multiplied by c in order to 
convert to v. Therefore 

(6.547 X 10-20(2.9977 X 10^0(6.064 X 10^0 

€(caI/mole) ^ 0) 

€(qai/moie) = 2.844a;, (7.29) 

where a; equals the wave number in reciprocal centimeters. The 
tabulated energy levels in calories per mole then become : 


Term 

cal. /mole above 
groimd level 

Weight, 

^P2 

0 

447.6 

5 

3 

643.0 

1 

44,960-0 

5 

95,730.0 

1 


The Q sum may now be computed from these values of e and p 
at the required temperatures : 

Q298.I = 5 + 36-447.6/592.3 ^ g-643.0/592.3 ^ 5^-44,960/592.3 

g— 95,730/592.3^ 
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In.spectioii of this series shows that, since the first term is 5 and the 
exponents of the last two terms are larger than 7 at all required 
temperatures, the contribution of these two levels to Q is negli- 
gible. Hence, 

O29S.1 =5-1- 3(0.-170) -f- 0.338 = 6.748. 

Qi.ooo = 5 + = 5 -1- 2.397 -h 0.723 

.= 8 . 120 . 

Q2,ooo = 5-1- 3e-«^-6'3.974 ^ e-643/3.974 = 5 + 2.679 -1- 0.850 

= 8.529. 


5. The value of {F° — Ei^°)/T for 0(g) at 1 atm. may be com- 
puted for these three temperatures from Eq. (7.21) : 

= -6.863 log 16 - 11.438 log T 

- 4.575 log Q -1- 7.267. 

= -11.438 log T - 4.575 log Q - 0.996. 

* 

= -11.438 log 298,1 - 4.575 log 6.748 

- 0.996 = -33.171. 

= -39.475. 

= -43.056. 

These values may then be combined with corresponding values 
for other molecules and used to evaluate equilibriums involving 
oxygen atoms. 

c. The entropy of 0(e) at 298.1°K. and 1 atm. is given by the 
sum of (7.13) and (7.17): 



S%. = 6.863 log 16 + 26.00 = 34.263, 

= RljxQ + ^ , (7.30) 


where the energy terms e are expressed in calories per mole. 
Therefore 


= 4.575 log 6.748 


■3(447.6) (0.47) -f 643(0.338) 
(298.1) (6.748) 


= 4.21. 


Consequently the total entropy of 0(e) is <S°298.i = 38.47 cal. /deg. 



124 


PRIXCIPLES 


[Chap. VII 


d. The heat capacity at constant pressure may be computed 
by adding 4.968 to Eq. (7.7). The internal heat capacity at 
298.1°K. is computed from (7.7) in the form 



Vg2pe-./sr 

Q 


(Sepe-‘''*0- 

Q- 


(7.31) 


where the energy levels are in calories per mole. The internal 
contribution at 298.1° is 


1 ((448)^(1.41) + (6 43)^(0.338) 

1.987(298.1)'' ( 6.748 

'(448)(1.41) + (643) (0.338) ]-■( 
6.748 J /■ 

Ci° = 0.266 cal./ (mole) (deg.). 

Ci 98 .i (total) = 4.968 + 0.266 = 5.234 cal./ (mole) (deg.). 

Examination of Eq. (7.31) discloses that, at elevated tem- 
peratures (>1000°), the i 2>2 level will begin to contribute to the 
heat capacity because of the large factor; hence the term 
is appreciable, even though the exponential factor itself 
is small. However, the effect of this level on the Q sum, and 
hence on (F° — E!^°)/T, will still be negligible. 

It is also interesting to note that the increasing value of the 
partition function with increasing temperature is a quantitative 
measure of the tendency of the oxygen atoms to populate the 
higher energy levels. Thus, at 298°, 1000°, and 2000°K. the 
mole fractions of atoms in the ground level are 0.148, 0.123, and 
0.117, respectively. 


The following is a brief comparison of some statistically 
computed entropies with the calorimetrically determined values 
at 298.1°K.: 


Substance 

Entropy 

Calorimetric 

.. . - - 

Spectroscopic 

Ns 

45.9 

45.788 

O2 

49.1 

49.03 

HCl 

44.5 

44.64 

HBr 

47.6 

47.48 

HI 

49.5 

49.4 
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B. Approximate Methods for Evaluating Partition Functions. — 

In the case of the oxygen atoms, discussed in the foregoing 
illustration, it was found that the calculation of the usual 
thermodynamic functions was a relatively simple process due 
to the fact that only three energy levels had to be considered, 
except for the heat capacity above lOOO^K. when a fourth level 
began to contribute. However, even for simple diatomic 
molecules, the number of energy levels that must be taken into 
account w'hen performing the various summations is vastly 
greater. This condition depends on the fact that at any tem- 
perature the molecules are distributed over a great many rota- 
tional, vibrational, and electronic energy levels, instead of only 
electronic levels as in the case of oxygen atoms. Now, as a 
general rule, molecules which contain no odd electrons — NO — or 
unpaired electrons — O 2 — possess electronic levels which are apt 
to be about 100,000 cal. above the nondegenerate ground level 
and consequently are not appreciably occupied except at very 
high temperatures. Spectroscopic compounds, such as CH, NH, 
and OH, possess low-lying electronic levels and degenerate 
ground states (po > 1), but it is usually safe to assume that the 
electronic states of ordinary molecules are so high that they do 
not contribute significantly to the usual thermodynamic functions 
and hence may be disregarded. 

On the other hand, the separation of rotational levels is of the 
order of 20 cal./mole, and the separation of vibrational levels 
is of the order of 3,000 cal./mole; consequently these levels 
contribute appreciably to the partition function at ordinary 
temperatures. Thus, the partition-function method of obtaining 
thermodynamic functions of polyatomic molecules depends 
primarily on the evaluation of the distribution of molecules over 
available rotational and vibrational states at a given temperature, 
and the energy absorption, accompanying the redistribution of 
the molecules over these levels, at a slightly higher temperature. 
The procedure has already been described in detail in Sec. 2; but 
owing to the great multiplicity of rotational-vibrational states in 
polyatomic molecules, approximate values for partition functions 
are usually computed on the basis of the two fundamental 
assumptions that (1) the molecule behaves as a rigid rotator (no 
centrifugal stretching) possessing one harmonic oscillator for each 
vibrational degree of freedom and (2) the partition function 
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for the rotational-idbrational states may be expressed as the 
product of the two separate functions and each may be separately 
computed; thus, 

Qr.-v. “ QrotQvity. (7.32) 

This is tantamount to sa 3 dng that the separation of the rotational 
levels is independent of the vibrational level, as they both are 
of the translational energy of the molecule. Actually this is 
not the case, but the resulting error in the thermodynamic 
calculations does not appear to be serious. Hence these functions 
may be computed from the equations 

Qrot, - (7.33) 

(7.34) 

The problem is therefore to evaluate the statistical weights and 
energies of the rotational levels and the statistical weights and 
energies of the vibrational levels of polyatomic molecules. 

(A) Rotational Partition Functions. Case 1. Diatomic 
and Linear Molecules . — It is known from quantum mechanics 
that a rigid diatomic molecule possessing two equal moments of 
inertia can exist in a series of rotational states possessing the 
energies 

= + (7.35) 

where J is an integer, called the rotational quantum number^ 
which may assume the values 0, 1, 2, ... . The physical 
significance of J is that it is a quantitative measure of the total 
angular momentum of the molecule in the various rotational 
states. I is the moment of inertia of the molecule with respect 
to two mutually perpendicular axes which are located at the 
center of gravity of the molecule and are perpendicular to its 
axis. This equation is also approximately true for linear poly“ 
atomic molecules, e.g., CO 2 , although in such cases a second 
quantum number depending on the angular momentum of the 
nuclear vibrations of the molecule should be introduced.^ 

The statistical weights of the rotational levels of diatomic 
molecules which do not possess nuclear spin are given by the 
relation 


Pj = 2«/ -f- 1. 
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Thus the level, characterized by the number 3, actually consists 
of seven practically indistinguishable rotational levels. If both 
nuclei are identical, alternate p’s are zero; that is, every other 
rotational level is 'missing and, in computing the Q sum, this fact 
must be taken into consideration. However, it will be seen 
shortly that factors of this sort are conveniently handled by 
dividing the approximate rotational state sum by a factor 
possessing definite geometrical significance, called the “S 3 rm- 
metry number.” In general, the statistical weights of the rota- 
tional levels of diatomic molecules are only given by 2/ + 1 with 
J = 0, 1, 2, 3, • * • w’hen the molecule contains electrons in com- 
pleted groups molecules). Nevertheless, the weights can 
still be expressed by 2/ -h 1 when the necessary modifications in 
J are recalled and the rotational partition function is given by 
the sum over all possible levels: 


<3 = V (2J -b 

j^o 


00 

X (2/ + (7.36) 


where 


_ 

“ &7r^IkT' 


(7.37) 


The sum expressed by Eq. (7.36) may be replaced by an 
integral, when a is small, ^ and integrated to give 

0 = i + • • • . (7.38) 


For all practical purposes, the first term is the only one that need 
be considered; hence 


^ 1 SirmT 

= -nr-’ 


(7.39) 


where I is the moment of inertia of the molecule, h is the Boltz- 
mann constant, and h is Planck’s constant. Equation (7.39) 
may also be employed to compute the rotational partition 
functions of linear molecules, such as CO 2 , CS 2 , and HCN, with 
a good degree of approximation. 

Case 2. Spherical Rotator, — molecule, such as CH 4 , con- 
sidered as a rigid rotator with three equal moments of inertia, 
possesses rotational energy levels given by Eq. (7.35) ; but the 
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statistical weights are in this case equal to (2/ + 1)“. The 
partition function is, therefore, 


Q= X (2/ + 
j = o 


(7.40) 


where (x has the same significance as in Eq. (7.37). When the 
Q sum is replaced by an integral, as in the case of the diatomic 
molecule/ the approximate result 

Q = + 1 + ■ ■ ■ ) 


is obtained. Here again, when <r is small, only the first term need 
be considered, and therefore 


Qr — 



/- YST^IkT\ 




(7.42) 


Case 3. Symmetrical Top . — Molecules possessing a pyramidal 
configuration, such as ammonia, have two equal moments of 
inertia and a third distinct moment with respect to the axis of 
symmetry. The rotational energy levels are known from 
quantum mechanics to be given by the equation 

J(J + 1) + (j, - l) (7.43) 

where 7' is the moment of inertia with respect to the axis of 
symmetry, and is a second rotational quantum number which 
can be equal to or less than J in absolute value but not greater. 
Thus each rotational level is characterized by two integers, and 
each level has a weight of 2/ + 1. However, in this case the 
integration is further complicated by the fact that each of 
the 2/ + 1 sublevels has a further degeneracy of 2/ +1 imposed 
on it by the quantum number K, When the Q sum is replaced 
by the equivalent integral^ and all but the first term of the series 
integrand dropped, the result obtained is 

(7.44) 

(T VO*' 
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Case 4. Asymmetrical — The most general type of molecu- 

lar architecture is that in which the molecule has three distinct 
moments of inertia (H2O, C2H5OH, etc.). In this case it is 
impossible to obtain simple expressions, such as (7.35) and (7.43), 
for the rotational levels, and, accordingly, by analogy the 
approximate partition function 


a - 

~ (<rcrV'0^“ 


(7.45) 


has been deduced and cheeked by numerical calculations. As 
before, the tr^s represent the functions h-/ (Sv^IkT) corresponding 
to each of the three principal moments of inertia of the molecule. 

Case 6 . — Molecules Possessing Internal Rotational Degrees of 
Freedom. — It is known that when the mutual potential energy of 
two groups of atoms connected by a single bond is less than the 
equipartition value of the thermal energy associated with this 
bond, free or unhindered rotation of the two groups with respect 
to each other may occur. On the other hand, when the mutual 
potential energy of the two groups is substantially greater than 
the equipartition value, the rotation is hindered; and, if the 
potential energy is very large, the motion becomes a torsional 
oscillation about the connecting bond. Obviously, the con- 
tribution of such a degree of freedom to the internal energy, heat 
capacity, and entropy of the molecule will depend on whether 
the motion is free or hindered. There is no positive way of 
predicting, in advance of some experimental data on the heat 
capacity or the temperature dependence of the dipole moment 
of the substance, which type of motion is involved; indeed, unless 
the experimental data are unusually precise, the interpretation 
may stiU be uncertain. 

Perhaps the most intensively studied case of this sort, and, 
at the same time, the simplest, is that of ethane. After numerous 
publications of a theoretical and experimental nature it appears 
to be weU established that the rotation of the methyl groups with 
respect to each other is hindered by a potential barrier of 2,750 
cal./mole. Pitzer® has prepared tables by means of which it is 
possible to compute the contribution of a restricted rotational 
degree of freedom to the molar heat capacity and entropy when 
the height of the potential maxima and the reduced moment of 
inertia are known. Thus, in the case of ethane, since interatomic 
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distances and bond angles are known, Pitzer^s tables offer a 
convenient means for extending the temperature range of the 
experimental data on heat capacities. These heat capacities 
were used in conjunction with the known vibration frequencies 
to establish the height of the potential barrier (2,750 caL). 

A number of cases of assumed free rotation about C — C bonds 
have been treated by Eidinoff and Aston® and by Kassel.'^ 
Schumann and Aston have treated the gaseous equilibriums®'® 

C2H4 + HoO = C2H5OH 
(CH3)2CH0H = (CH3)2C0 + H 2 

from the experimental and theoretical standpoint. In the case of 
ethyl alcohol it was necessary to assume potentials, restricting 
the rotation of the CH3 and OH groups, equal to 3,000 and 
10,000 caL, respectively, in order to make computed entropies 
agree with calorimetric values. In the case of acetone the rota- 
tion of the methyl groups is supposed to be hindered by a poten- 
tial of 1,000 caL; and in isopropyl alcohol the potentials are 3,400 
and 5,000 cal. for the CH3 and OH groups, respectively. Since 
in all these cases there is a great deal of uncertainty regarding the 
assignment of numerical values to the fundamental vibration 
frequencies of these molecules and since the computational labors 
are considerable, the treatment of internal rotations is at present 
of more theoretical than practical interest. Developments in 
this field, up to 1940, are summarized in the papers by Pitzer,^® 
Wilson, and Aston. 

(jB) The Symmetry Number and Nuclear Spin, — Having 
derived approximate Eqs. (7.39), (7,44), and (7.45) for the 
rotational partition functions of the various t3rpes of molecules, 
we can substitute these expressions into Eqs. (7.6), (7.8), . (7.13), 
and (7.21), and compute the rotational contribution to the 
different thermodynamic functions. However, owing to the fact 
that some molecules possess identical nuclei which can be inter- 
changed by simple rotation about an axis to produce identical 
states, a definite part of the rotational levels of the molecule is 
missing, which, from the form of the Q sum, indicates a numeri- 
cally smaller value for this quantity. Thus, in the case of the 
O2 molecule or the CO2 molecule, it is possible to interchange 
the oxygen nuclei by a 180 rotation about the perpendicular axis 
through the center of gravity; hence these molecules are able to 
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occupy two equivalent orientations in space. These molecules 
are then said to have a symmetry number (s) equal to 2. Again, 
in the case of the ammonia molecule there are three equivalent 
positions which the hydrogen nuclei can occupy by rotation 
about the symmetry axis of the molecule; therefore the symmetry 
number is 3. Similarly, the three hydrogen nuclei of CH 3 CI can 
be interchanged by rotation and a == 3; but in the case of CH 3 OH 
the S 3 mimetry number is unity, because the C — 0 — H angle is 
about 110 deg. and one complete rotation is necessary in order 
to regain the original state of the molecule. The symmetry 
numbers of such molecules as CH 4 , benzene, and p-dichloro- 
benzene are 12, 12, and 4, respectively. 

An additional complication arises in the evaluation of rota- 
tional partition functions when some of the nuclei constituting 
the molecule possess spin momentum, since a further degeneracy 
is thereby imposed on the rotational levels. At temperatures 
above room temperature the combined effect of symmetry and 
nuclear spin on the rotational partition function may be evaluated 
by mxiltiplying the partition functions, as given above, by the 
factor 

f = (^^*1 + l)(2f2 + l)(2^3 + 1) ‘ ^ 

where the represent the units of spin momentum, possessed 
by each atom, and s is the symmetry number. The quantities 
in parentheses are the spin multiplicities or weights and are 
equivalent to a nuclear spin partition function for each atom 
present in the molecule. 

The i values for some common atoms and the corresponding 
spin multiplicities are as follows : 


Atom 

H 

D 

i 

C 

N 

0 

Cl 

i 


1 

0 

1 

0 

' % 

-}“ 1 

1 ^ 

3 

1 

3 

I 1 

6 


Thus, in the case of O 2 or CO 2 the partition function computed 
by means of Eq. (7.39) should be multiplied by the factor 
3^. The partition function for NH 3 should be mxiltiphed by 
(3 X 2 X 2 X 2)/3 = 8 and the partition function for CH 3 GI 
should be multiplied (2^ X 6)/3 = 16. 
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From Eq. (7.13), the total rotational entropy, including 
nuclear spin entropy, would be 

Sk° = R In/Qfi + = Rlnf + RlnQs 

+ RT^^^; (7.47) 

consequently the effect of nuclear spin and symmetry on the 
entropy is to contribute the additive term R In /, where / is 
defined by Eq. (7.46). 

Now, it has been shown by Gibson and Heitler^* that nuclear 
spin effects carry through intact in chemical reactions at ordinary 
and high temperatures or, in other words, a given atom possesses 
the same amount of spin regardless of its state of chemical 
combination. Consequently the same nuclear spin contributions 
to the partition functions will be found on both sides of a chemical 
or thermodynamic equation and may be disregarded for all 
practical purposes. This has led to the system of recording 
so-called virtual or practical entropies, which are simply total 
entropies less spin entropies and are the values to be employed 
in thermochemical calculations. Some tabulations of entropies 
contain values for total entropies; and it is important that all 
values used be converted to either total entropies or virtual 
entropies. In any case, the symmetry number must always be 
used, and the rotational partition functions to be substituted in 
Eqs. (7.6), (7.8), (7.13), and (7.21) are given by Qr/Sj where Qr 
is the value computed from the moments of inertia of the molecule. 

(C) SUMMAKY OF EQUATIONS FOIJ ROTATIONAL HeAT CAPACI- 
TIES AND Entropies. — With the exception of hydrogen and 
deuterium, gases acquire the equipartition value, RTl2j for ‘the 
kinetic energy associated with each rotational degree of freedom 
at low temperatures ( <50°K.) ; hence the rotational heat capacity 
is R cal./ (mole) (deg.) for diatomic or linear molecules and ^R 
for polyatomic molecules possessing three rotational degrees of 
freedom. 

The following equations are obtained for the rotational 
entropies of molecules, treated as rigid rotators, when the values 
for the partition functions given by Eqs. (7.39), (7.42), (7.44), 
and (7.45) are substituted in (7.13) (P *= 1 atm.). 

Diatomic or linear rotator: 
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= R Id. it + 177.676 - Bins, (7.48) 

where s is the symmetry number. At 298. 1°K. this becomes 

S° 298 .i = 4.575 log I - 4.575 log s + 188.996. (7.49) 

Spherical rotator, symmetric top, or asymmetric top: 

Sk° = I In iri" + ^RlnT - Rlns + 267.649, (7.50) 

where I P = /" for the spherical rotator, I = P ^ /" for the 
symmetric top, and I ^ P /" for the asymmetric top. At 
298. 1°K. this becomes 

S\m.i = 2.288 log IIP" - 4.575 log s + 284.631. (7.51) 

The moments of inertia required to evaluate rotational 
entropies are obtained either from the spacing of the rotational 
lines in the infrared spectrum of the molecule or, more generally, 
from data on interatomic distances and bond angles, obtained 
from the electron diffraction pattern of the molecule. 

(D) Vibrational Partition Functions. — As mentioned in 
the introduction to Sec. 5, the approximate evaluation of rotation- 
vibration partition functions of gases is based on the assumption 
that each vibrational degree of freedom is equivalent to an 
harmonic oscillator. If the molecule consists of n atoms, it 
possesses a total of 3n degrees of freedom, of which 3n — 5 or 
3n — 6 are vibrational degrees of freedom, depending on whether 
the molecule has two or three moments of inertia. The problem 
is, therefore, to compute the partition function for each of the 
3n — 6 harmonic oscillators, since the product of the individual 
partition functions is, to a good degree of approximation, equal 
to the total vibrational partition function for the molecule as a 
whole. 

It is known from quantum theory that the energy levels of an 
harmonic oscillator are given by the relation 

(v + y 2 )hv, (7.52) 

where t? = 0, 1, 2, • • • , and v is the fundamental vibration 
frequency in cycles per second. From this equation it will be 
seen that, even in the lowest vibrational state (y = 0), the 
harmonic oscillator retains the half quantum of vibrational 
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energy {hv/2), called the ''zero-point vibrational energy.’' 
Depending on the magnitude of p and the temperature, the 
molecules are distributed over the different levels of the oscillator 
for which v = 0, 1, 2, etc., where each level has a statistical 
weight of unity. Hence the partition function for the fth 
harmonic oscillator corresponding to one \dbrational degree of 
freedom is given by the equation 

Q, _ ^ ^-{l+y)hv/kT ^ Q-~{2^y)h.v/hT ^ . . . ( 7 . 53 ) 

_ Q-hvnkT(^l Q--hv/kT ^-zhv/kT . . . )^ (7.54) 

or the partition function for the vibrational energy, in excess 
of the zero-point vibrational energy, is 

Qi = 1 + 4- . - • = ^ __ (7-55) 

The heat capacity associated with the “^’th vibrational degree 
of freedom may be evaluated by substituting Qt in (7,8) and 
performing the indicated differentiations. The heat capacity 
associated with a mole of harmonic oscillators of fundamental 
frequency v is, therefore, 

Ci" = RE(xi) = (7.56) 

where Xi = 

The entropy associated with the frequency is obtained by 
substituting Eq. (7.55) in (7.13). The vibrational entropy per 
mole is, therefore, 

= R prZTi - 111 (1 - """)]• (7-57) 

The total vibrational heat capacity and entropy associated 
with the vibrational degrees of freedom will then be the sum 
of the values computed from Eqs. (7.56) and (7.57) for each 
frequency. It will be noted that and are functions of a 
single variable x, where x equals 6/T and ^ is a constant for a 
given frequency (hv/k). Accordingly, tables of numerical 
values have been prepared for the three different functions 
involved in Eqs. (7.56) and (7.57), corresponding to a practical 
range of values for x. Consequently, from the known frequency 
V it is only necessary to calculate and then x may be calculatjed 
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at the desired temperatures and the corresponding values of the 
required functions read from these tables. A set of such tables 
of Einstein functions is included in Appendix 2. These tables 
have been computed for oscillators possessing the frequency p 
along three different directions; hence one-third the recorded 
value should be used for a single vibrational degree of freedom. 

The problem of evaluating the fundamental vibration fre- 
quencies corresponding to each vibrational degree of freedom, 
or, more correctly, to each normal mode of \ubration of the 
molecule, is a complicated dynamical problem, the complexity 
of which increases rapidly with the number of atoms in the 
molecule. The frequencies are observed in either the infrared or 
Raman spectrum of the molecule, or possibly both types of 
spectra. For transitions to be able to occur from one energy 
level under the influence of infrared radiation or Baman radiation, 
it is necessary that the mode of vibration satisfy certain definite 
rules regarding the change of electric moment or polarizability 
of the molecule associated with the vibration. These rules have 
been developed as a result of the study of the symmetry proper- 
ties of the different types of molecules, in conjunction with group 
theory. Applications of these rules make it possible to determine 
which of all the frequencies observed in the infrared and Raman 
spectrum of a molecule are fundamental frequencies and not 
overtones or combination frequencies. The process of evaluating 
the fundamental frequencies for polyatomic molecules is a 
diflBlcult and important one, since the accuracy of the thermo- 
dynamic calculations depends on the correctness of assignment 
6f numerical values to these fundamentals. 

From the standpoint of most thermochemical calculations it is 
very often possible to make rough assignments of fundamental 
frequencies by dividing the total vibrational degrees of freedom 
into stretching or valence vibrations, corresponding to the motion 
of atoms along the line connecting the two atoms, and bending or 
deformation frequencies, corresponding to the motion of atoms 
resulting in the deformation of bond angles. If the molecule 
contains n atoms, there will obviously be — 1 valence vibra- 
tions; the remaining vibrational degrees of freedom are then 
ascribed to deformation vibrations. This method of assigning a 
vibrational degree of freedom to a definite chemical bond is 
dynamically incorrect, but in many cases it appears as though 
the bulk of the motion, and hence the energy of a mode of vibra- 
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tion, resides in a particular bond. For example, all compounds 
containing carbon and hydrogen atoms exhibit frequencies 
around 3,000 cm.“^ and 1,400 cm.“S* consequently, it is believed 
that the first frequency is due to vibrations along the C — H bond 
and the second frequency is due to deformations of the H — C — H 
angle. Again, the spectra of compounds containing the hydroxyl 
group exhibit a frequency of about 3,500 cm.“^, the exact value 
depending largely on the state of dilution of the hydroxyl com- 
pound. This frequency is believed to be due to vibrations along 
the 0 — H bond. Accordingly, by examining the spectra of 
molecules containing one new bond at a time, it is possible to 
build up a series of frequency values more or less characteristic 
of each chemical bond, which are useful in estimating heat 
capacities or even rough values for entropies, where experimental 
data are not available. It should be emphasized that the fore- 
going discussion applies to molecules in the gaseous state, there 
being some modification (usually decreasing) of characteristic 
frequencies on passing from the gaseous to the liquid to the solid 
state. 

Although a molecule may possess 3n — 5 or 3n — 6 vibrational 
degrees of freedom, there will not, in general, be that number of 
distinct fundamental frequencies, since the nuclear displacements 
that constitute the vibration may occur with the same frequency 
in more than one direction. Such vibrations are spoken of as 
multiple or degenerate vibrations. As an example of this 
phenomenon the deformation or perpendicular vibration of the 
linear molecule 0=C=0 can take place in such a manner that 
the two oxygen atoms vibrate up and down simultaneously with 
a corresponding up-and-dowm motion of the carbon atom, all in 
the plane of the page. However, the identical motion may occur 
in a plane at right angles to this page and hence the corresponding 
frequency is doubly degenerate; in computing thermodynamic 
functions, the numerical contribution of this frequency is 
doubled. The higher the degree of symmetry of the molecule, the 
greater the degree of degeneracy of the fundamental frequencies, 
as is illustrated by the multiply degenerate frequencies exhibited 
by organic molecules. For an interesting, elementary introduc- 
tion to the theoretical and laboratory technique of this subject, 
the short monograph by Sutherland, Infra-Red and Raman 
Spectra, should be consulted. 
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6. Calculatioa of the Entropy and Heat Capacity of Ethylene. 

Illustration 2. — The spectrum of the ethylene molecule has been 
analyzed by Bonner,^® and the following assignment of funda- 
mental frequencies made: 


cai = lj623 cm.“^ 
0)2 - 3,019 
6)3 = 1,342 
0)4 = 2,9S8 
0,5 = 1,444 
0)6 ~ 3,069 


0)7 == 950 cm. 

0)8 = 3,107 
0)9 = 950 

0)10 = 940 

0)11 = 1,100 

0)12 ~ 82o 


Badger^® has deduced the following values for the principal 
moments of inertia of the molecule from its band spectrum: 


/ = 33.2 X 10-^0 g. cm.2 I' = 27.5 X 

7" = 5.7 X 10-^0. 

Calculate : 

a. The molar translational entropy of C2H4(fl) at 298.1°K. and 
1 atm. pressure. 

5. The rotational entropy at 298. 1°K. 

c. The vibrational entropy at 298.1‘^K. 

d. The total entropy of ethylene at 298. 1®K. and 1 atm. in the 
ideal gas state and the actual gas state. 

e. The heat capacity of C2H4(i^) as a function of temperature 
in the range 300 to 1300°K. 

Solution, — a. The molecular weight of ethylene is 28.052 and 
the translational entropy at 298.1'^ [Eq. (7.17)] is, therefore, 

S\, = 6.863 log 28.052 + 26.00 = 35.94 cal./(mole)(deg.). 

h. The equation for computing the rotational entropy of an 
asymmetric top is (7.51) 

Sr^ = 2.288 log IIT^ - 4.575 log s + 284.631. 

In order to evaluate the symmetry number of the planar C2H4 
molecule, it should be noted that three successive rotations of 
the molecule will cause each H atom to occupy four distinct but 
equivalent orientations in space, and therefore s = 4. 

Sr° = 2.288 log (33.2) (27.5) (5.7)10-120 _ 4^575 log 4 

+ 284.631 = 15.87 units. 

c. The vibrational entropy at 298.1° may be evaluated by 
computing the function Q, corresponding to each frequency, 
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and reading the value ^/298.1 from Tables E-2 and L-3 of 
Appendix 2. ^ ^ 

To convert o) in reciprocal centimeters to ^ hv/k, it is 
necessary to multiply a; by c to convert to v and multiply by 
hfk. The conversion factor is, therefore, 

he (6.547 X (2.9977 X 10^°) _ , ,oo 

1.371 X 10-^ 

The necessary data for obtaining the vibrational entropy are 
recorded in Table 1. The last column, headed contains the 
vibrational entropy associated with the given frequency. 


Table 1. — The Vibrational Entropy of C2H4(^) at 298. 1°K. 



9 

6 

® - 298.1 

Ex 

gX _ 1 

In (1 - e-») 


1,623 

2,326 

7.804 

0.0063 

0.0003 

'' 0.0066 

3,019 

4,327 

14.515 

0 

0 

0 

1,342 

1,924 

6 454 

0.0202 

0.0022 

0.0224 

2,988 

4,282 

14 366 

0 

0 

0 

1,444 

2,069 

6.942 

0.0133 

0.0010 

0.0143 

3,069 

4,398 

14.754 

0 

0 

1 0 

(2)950 

1,361 

4.567 

0.1906 

0.040 

0.2306 

3,107 

4,453 

14.939 

0 

0 

0 

940 

1,347 

4.519 

0.0990 

0 021 

0.120 

1,100 

1,576 

5.288 

0.0533 

0.010 

0.0633 

825 

1,182 

3.966 

0.152 

0.0370 

0 1890 

• Total Sv° 

0.646 


The total entropy at 298.1® of C2H4(ff) at 1 atm. in the ideal gas 
state = 35.94 + 15.87 + 0.646 = 52.46 cal./(mole)(deg.). .It is 
interesting to note that the vibrational entropy is only 1.2 per 
cent of the total. The calorimetric value obtained by Egan and 
Kemp^^ is 52.48 units. This value may be corrected to the 
actual gas at 1 atm. and 298.1® from the relation (L-R, p. 133) 

in conjujietion with the Berthelot equation of state [Eq. (2.19)]. 
This gives 

R 27 RTc^ 

P 32P.!r*' 


dP 


(7.59) 
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But, since { — R/P) = (dS/dP) for an ideal gas 


Therefore 


f^\ _27 

\dP/ act. \dP/ ideal 32 


a(S. - s,) 

dP 


27 BT/ 
32 PcT^ 
27 BTc^ 
Z2PcT^' 


52.46 - 


c _ c? _ 27 fir/P 

Oaet. Oideal j:> 2^3 

27 (1.987) / (282.8)A _ „ 


32 (298.1)® \ 50.9 


(7.60) 

(7.61) 


(7.62) 


= 52.46 - O.C 


= 52.43 units. 


d. The heat capacity of C 2 H 4 (^) at constant pressure may be 
computed by adding the vibrational contribution, due to each 
frequency, to the equipartition value for translation plus rotation; 
thus 

Cp - MjK + ME + S + SC. = 7.95 + SC.. (7.63) 

Values for C. corresponding to each frequency may be read from 
Table E-1. These values must be divided by three for vibrations 
of one degree of freedom. In order to reduce the labor of the 
computations, the three frequencies at 3,019, 3,069, and 3,107 
have been lumped into a triply degenerate frequency at 3,065 
cm”^. A complete set of data is included in the Table 2 for 
300°K. and ISOO^K., by way of illustration, and the total com- 
puted Cp^s for other temperatures are recorded in the following: 


Table 2. — The Heat Capacity op C2H4(^) at Constant Pbesstjhe 




T = ; 

300°K. 

T = 1300°K. 

w 

6 







BjT 

i 

BIT 

' 

1,623 

2,326 

7.755 

i 0.0513 

1.790 

1.532 

3,065(3) 

4,393 

14.642 

0 

3.379 

2.485 

1,342 

1 1,924 

6.413 

0.134 

1.480 

1.661 

2,988 

4,282 

14.275 

0 

3.294 

0.863 

1,444 

2,069 

6.898 

0.0953 

1.592 

1.616 

950(2) 

1,361 

4.538 

0.894 

1.047 

3.629 

940 

1,347 

4.490 

0.459 

1.036 : 

1.818 

1,100 

1,576 

5.255 1 

0.290 

1.213 

* 1.760 

825 

1,182 

3.941 

0.624 

0.909 

1.855 

sc,. 



2.548 


17.219" 




10.50 


25.17 
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Additional computed values: 


T°K. 


1 

700 

900 



15.21 

1 18.81 ! 
1 

21 51 



The foregoing calculated s may be expressed by means of 
the equation 

Cp = 3.075 + 2.91 X 10-27 -- 9.48 X (7.64) 

It is interesting to compare the contributions of the individual 
frequencies at the two temperatures. At 300°, the 3,065 fre- 
quency, which is equivalent to 8,740 cal./mole, contributes 
nothing to the heat capacity, since the first vibrational level is too 
high to be appreciably occupied at ordinary temperatures. At 
1300°, this vibration is excited and contributes about 0.82 
cal./ (mole) (deg.). On the other hand, even at 300°, the 825 
frequency (2,350 cal.) contributes 0.624 cal. to the heat capacity; 
at 1300° it is practically excited to the equipartition value (i?) 
for an harmonic oscillator. 

7. Estimation of Free Energy from Molecular Structure Data. 

Although the vibrational entropy of ethylene represents only 
1.2 per cent of the total at 298°, molecules containing heavy 
atoms usually possess low frequency fundamentals, which, make 
larger contributions to the heat capacity and entropy even at 
ordinary temperatures. In general, however, the translational 
plus rotational entropy is much larger than the vibrational 
entropy^ — a fact that permits the estimation of at least workable 
values for entropies when interatomic distances are known, but 
not the fundamental vibration frequencies. The treatment is 
illustrated by the following problem: 

Illustration 3. — ^The electron diffraction pattern of SCI 2 
indicates S — Cl distances of 2A and a Cl — S — Cl angle equal 
to 102 deg. Estimate (a) the standard entropy of SClac^) at 
298. 1°K., and (6) the free energy of formation at 298. 1°K. 

Solution. — a. The problem is to compute the translational 
entropy of SCI 2 from the molecular weight (102.98), and the 
rotational entropy from the interatomic distances and the atomic 
masses. The problem of estimating the vibrational entropy is 
hazardous, but can be attempted, at least. 
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At 298. 1°K. and 1 atm., 

S^r. = 6.863 log (102.98) + 26.00 = 39.81. 

The principal moments of inertia may be computed as follows: 

If the SCI 2 molecule is referred to xy-SLxes, ■with the center of 
gra\ity at the origin and the S atom on the —y axis; then the 
x-coordinate of the S atom is zero and of the two Cl atoms, 
±2 X 10”^ sin 51° = 1.554 X 10“* cm. The ^-coordinates of 
the 2C1 atoms are equal; therefore, only two equations are 
required to obtain the ^/-coordinates of the Cl atoms and the S 
atom. They are 

2/ci ■“ 2/s = 2 X 10"^ cos 51° = 1.258 X lO""® cm. 
and, since the center of gra\ity is at 2 / = 0, 

y = 0 = ^ = 2(5.86 X 10-“)j/c. + 5.29 X lO'^ys. 

Solving these tw^o equations gives 

2/ci = 0.392 X 10-^ 

and 

2/s = -0.867 X 10-8. 

Consequently 

ly = = 2.82 X lO-^s g. cm.^ 

h = Sm^/- = 0.577 X 10-38 g. cm.^ 

And for a planar molecule, Iz ^ Ix + ly = 3.40 X lO-^^. 

The moments of inertia to be substituted in the thermo- 
dynamic equations are the principal moments or the moments 
referred to the principal axes. These are axes located at the 
center of gravity of the molecule, about which free rotation can 
occur. The condition for free rotation is that the deflection 
moments vanish, i,e,, Emixy) = Zm{xz) = 'Em{yz) = 0. For 
this molecule all ^-coordinates are zero, and it is only necessary 
that '2m{xy') = 0. Substituting the above masses and coordi- 
nates shows that, for the axes as chosen, 'Em(xy) reduces to 
zero; hence these are principal axes, and the computed moments 
are the correct ones for calculating the rotational entropy. 

The symmetry number is 2 and, therefore, 

Sb = 2.288 log (2.82) (0.577) (3.40) X 10"''^ - 4.575 log 2 

+ 284.631 = 24.12 units. 
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In the absence of data on the fundamental vibration fre- 
quencies of SCI 2 , the simplest procedure would be to guess about 
two units for the vibrational entropy and add this to the 63.93 
for translation plus rotation, giving a rounded estimate of 
66 eaL/(mole)(deg.) for the entropy at 298.1°K. Another 
method would be to guess that the three fundamentals for SCI 2 
would lie somewhere in the range of the fundamentals reported 
by VIorino and Mizushima^^ for the S2CI2 molecule, i.e,, 536, 445, 
242, 208, and 104 cm.“^ Thus, if the values 550, 400, and 
150 cm.-^ are guessed at for SCI2, the vibrational contribution 
would be 4.19 units, giving a total of 68.12 units. This value is 
probably correct within ± 2 units. 

b. Using the entropy values Sscu = 68.12, Ss = 7.62, and 
Sci 2 = 53.8 If in conjunction with the heat of formation —8,150, 
for SCI 2 — estimated in illustration 4, Chap. IV — the standard 
free energy of formation is found to be 

= -8,150 - 298.1(7.19) = -10,290 cal. 

It is impossible to estimate the uncertainty of this value. The 
uncertainty introduced by the estimated entropy is probably 
about 600 cal., which is, doubtless, less than the uncertainty 
introduced by the estimated heat of formation. 

Although the computation of the principal moments of inertia 
for simple, symmetrical molecules, such as SCI 2 , is a relatively 
easy process, the problem becomes quite complex for the general 
three-dimensional molecule. When the center of gravity of the 
molecule has been determined by either mechanical or algebraic 
means and a rectangular system of coordinate axes erected at 
that point, the coordinates of each atom referred to this system 
are determined and the various moments and products of inertia 
computed. The principal moments of inertia are then given by 
the roots of the cubic secular equation.^® 

+ z^) -- I 'Zmxy 'Lmxz 
'Emxy + x^) — I 'Lmyz 

hmxz 'Lmyz Zm(x^ + y^) ^ I 

- 0. (7.65) 

8. Solids. — Two essentially distinct fundamental theories have 
been devised for predicting the energy content, and hence the 
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thermochemicai constants, of solid bodies. The fundamentals 
of the Debye theoiy have already been briefly discussed in 
Chap. -II, and the elements of the Einstein theoiy have been 
presented in the treatment of the \ribrational energ^^ of gaseous 
molecules. The Einstein theory for solids was inadequate, 
because, unlike gases, the harmonic oscillators, which were sup- 
posed to represent the motions taking place in the crystal lattice, 
were not independent but were coupled owing to their close 
proximity; consequently the expression {v -j- for the 

energy levels of the actual oscillations is an oversimplification. 

Since both theories applied to idealized types of solids, it is not 
surprising that a useful theory of real crystalline bodies is in 
reality a combination of the two theories. It should be pointed 
out in advance that the far-reaching and accurate thermo- 
dynamic developments of the gaseous state have not been 
duplicated thus far by any of the theories for solids. In fact, the 
chief' use of these theories has been as a tool in the extrapolation 
of low-temperature specific-heat data down to the absolute zero 
in the experimental determination of third-law entropies. The 
treatment for real crystalline solids is essentially the one due to 
Born and Von Kd.rman, 2 °-^-^-- but the actual computational 
procedure employed depends on whether the lattice of the solid 
under consideration is an atomic lattice (metal halides, oxides, 
etc.) or a molecular lattice (CO2, benzene, etc.). 

The following considerations indicate, in a rough way, the 
essential difference between the two cases. When an atomic 
lattice absorbs heat energy at constant volume, atoms undergo 
limited translational displacements about their equilibrium 
positions with components along the x-, y-, 2-axes. As the 
disturbance is propagated from atom to atom, the pattern of 
motion resembles a compressional wave with three different 
velocities of propagation along the three axes, since, unless the 
solid is an element, it will in general be anisotropic. The heat 
capacity associated with such motions is assumed by Born and 
Von Kerman to be represented by three Debye functions D{xi)j 
D(x2), D{xs)j characteristic of the lattice, in addition to the heat 
capacity associated with the oscillations of the atoms with respect 
to one another. If the molecule contains p atoms, there will be 
p — 1 of such interactions, and each of these oscillations will, in 
general, possess three degrees of freedom. Since, however, 
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individual molecules do not exist as such in the crystal lattice, 
these frequencies are not identifiable with the internal vibrations 
of the molecule in the gaseous state and are not determined by 
spectroscopic means. , The heat capacity associated with these 
p — 1 oscillations is assumed to be represented by Einstein 
functions and, consequently, the total molar-heat capacity of the 
atomic lattice is given by the equation 

C. = B[D{xi) + Dfe) + D(x3) + (p - l)[E(xi) 

+ E{x,)+E(xs)]}, (7.66) 

where there are p — 1 distinct sets of characteristic Einstein 
functions to be considered in evaluating Cv 

For the purpose of numerical calculations where the char- 
acteristic Debye and Einstein functions must be determined by 
fitting'' the available low-temperature heat-capacity data, 
Kelley^^ uses a single Debye function as a sort of average of the 
three functions along the three coordinate axes, and, similarly, a 
single average Einstein term is used for each of the p — 1 
oscillations. Therefore 

a. = [X>(rr) + 2)^ SR, (7.67) 

w^here 

(7.es, 

and 

In Eq. (7.68), pd represents the limiting frequency in the Debye 
spectrum of frequencies possessed by the lattice, whereas v is one 
of the p — 1 frequencies characteristic of the oscillations of the 
atoms wdth respect to each other. Values for both of these func- 
tions may be obtained from tables in Appendixes 2, 3, when x is 
known. At low temperatures, where T/$d is of the order of 
0.1, Eq. (7,68) may be integrated^^'P'^^^ giving 

9. Evaluation of Entropy from Heat Capacity Data. Illus- 
tration 4. — The following values for the heat capacity of NiO 



Sec. 9] SPECIAL METHODS (THEORETICAL) 145 

have been calorimetrically determined by Seitz, DeWitt, and 
McDonald re- 


1 

Temperature, ®K. 

; Cp. cal./mole 

' Temperature, °K. 

Cp, cal./mole 

68.05 

1.607 

150.08 

5 93 

78 19 

2.185 = 

i 162.37 

6 54 

85.89 

2.625 

172.61 

7.02 

94.42 

3.094 

183.01 

7.50 

103.13 

3.693 

204 20 

8.12 

115.71 

4.242 

225.34 

8.84 

131.10 

5.00 

247.81 

9.52 

141.72 

5.58 

286.32 

10.43 



296.68 

10.56 


compute the entropy of NiO at 298. 1°K. 

Solution , — The problem is to compute the entropy between 
68 and 298.1®K. by graphical integration of the above data and 
to estimate the contribution between 0 and 68®K. by means of the 
modified Born- Von Kdrmdn theory of heat capacities. Since 
NiO contains only two atoms, Eq. (7.67) becomes 

C, = ZR[D{x) + E{x)] = ZR [d + E 

As a first approximation, assume = Be, Cp = Cv, and use the 
heat capacity at 68®K. in order to locate a rough value for fo ; 
therefore 


(sIbs) ” (bob) - 

From Table D-1, Appendix 3, this value of Cv corresponds to 
^d/68.05 = 8.15, or fo = 554. As a general rule, > fc; and 
in residual ray calculations on diatomic molecules, it is customary 
to assume that Be = i.35fe. Consequently, as a second 
approximation, Bd = 470 and Be = 638 may be used to compute 
the heat capacity of NiO and compared with observed values. 
Between 68 and 103°K., Cp — Cv is estimated to be about 
0.04 caL/(mole)(deg.). The exact value of this difference is 
unimportant, since it is used only in adjusting Bn and Be to 
conform with low temperature Cp^s in order that the entropy at 
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68° may be estimated. The following is a comparison of com- 
puted values with experimental heat capacities: 


Temperature, 

Cd 

Ce 

C. 

c. 

Cpicomp) (^p(ohe.) 

68 05 

1.176 

0.044 

1.22 

1 26 

-0.35 

78 19 

1.583 ! 

1 0.113 

1.70 

1.74 

-0.45 

85 89 

1.90 

0.190 

2.09 

2.13 

-0.50 

94.42 

2.214 

0.318 

2.53 

2 57 

— 0.52 

103.13 

2.55 

0.497 

3 05 

3.09 

-0.60 


It will be noticed that the computed heat capacities are con- 
siderably smaller than the observed values and that both and 
9 b should be decreased in order to raise the computed values. 
Since the Debye contribution is larger than the Einstein contribu- 
tion, the next approximation may be attempted by adjusting 
9 d at 68° to give the observed value of C® without changing fe; 
therefore 

1.567 = 3ED i- 0.044; 

and from Table D-1, fe/T = 6.10 or fc = 415. At 103°, this 
gives a computed Cp equal to 3.48, which is 0.21 cal. too small. 
The value of may now be decreased in order to make the 
computed value agree with the experimental value. This gives 
Bb = 582. With these two values, the heat capacities at 68 
and .103°K, are then computed to be 1.65 and 3.69 caL, respec- 
tively. These two values for the characteristic functions may 
now be employed to estimate ^Ses. 

It may be shown^®*^-^^^ that the Debye contribution to the 
entropy is given by the relation 

O {C^jy , Cf , 

WD — g T , 

where is the Einstein contribution to the entropy correspond- 
ing to the numerical value of fc. Furthermore, the Einstein 
contribution to the entropy equals the entropy of an harmonic 
oscillator of three degrees of freedom [Eq. (7.57)], which may be 
obtained from Tables E-2 and E-3. Accordingly, at 68°K., 
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/Sd = ^ + 0.082 + 0.011 = 0.603, 

& = 0.0097 + 0.000 = 0.0097, 

or the total entropy at 68°K. at constant volume equals 0.613 
unit. The entropy at constant pressure is estimated to be 
0.02 unit greater than this value; consequently 

jSes ” 0.633 cal. /deg. 

The entropy between 68 and 298.1°K. may be determined by 
plotting Cp/T — r or Cp — In r and measuring the area under 
either curve between these two temperatures. Although the 



60 80 100 120 140 160 180 200 220 240 260 280 300 320 
T= 

Fia. 8. — Plot for computing the third-law entropy of nickel oxide at 298. 1°K. 

second type of plot is apt to be somewhat simpler for graphical 
integration, the above data have been used to construct the 
Cp/T — T plot presented in Fig. 8. The measured area under 
this curve between 68 and 298.1°K. corresponds to 8.58 entropy 
units; therefore 

S 298 .i(NiO) = 0.633 + 8.58 = 9.21 cal./(mole)(deg.). 

10. Evaluation of Entropy from Residual-ray Data. — At one 

time it was thought that the frequency of the so-called ‘^residual 
rays^^ or Reststrahlen (observed when infrared radiation experi- 
ences practically metallic reflection at the surfaces of many 
crystalline substances) corresponded to the characteristic 
Einstein frequency of that substance. In fact, when the entropies 
of the metal halides are computed by using these characteristic 
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residual rays in conjunction with the Born and \ on Karman 
theory, excellent agreement between computed and calorimetric 
entropies is obtained. In such cases it appears that the agree- 
ment between the Einstein frequency and the residual-ray 
frequency is accidental and not generally true. The method of 
using residual-ray data is demonstrated by the following problem: 

Illustration 5. — The observed residual-ray frequency for NaCl 
corresponds to 194 cm”'^ 

Calculate the entropy of NaCI(c) at 298. TK. and compare 
with the calorimetric value of 5298.1 = 17.3 units. 

Solution . — ^The frequency, 6? = 194 cm.“S corresponds to 
a value of == 278, and therefore = 0.934 at 298.1''K. 
According to Rodebush,-^ = 1.35fc, and hence fc = 206. 
The entropy at constant volume is, therefore, 

>5208 = = Sr,{0m2) + &(0.934). 

From the table of Debye functions (C«)d = 5.823. 

As pointed out in illustration 4, 

a I Q / 

Od = — 2 T , 

wnere 5 e' is the Einstein contribution to the entropy correspond- 
ing to fe; consequently 5 e' = 4.125 4-4.133 and 5 d = 10.20. 
From the table of Einstein functions 5 b = 3.603 + 2.98 = 6.58 
units. 

In this example the vibration corresponding to each character- 
istic function is given three degrees of freedom. To convert 
this value of Sv to constant pressure, the empirical relation 
5^5 — 5ir = %{Cp — Cv) is used (L-R, p. 150). Since Cp — Cv 
is about 0.2 caL/(deg.)(g. atom), the difference 5p — Sv equals 
0.27 unit; therefore the computed entropy is 

5298.1 = 10.20 + 6.58 + 0.27 -= 17.05 cal./deg. 

The preceding discussion illustrates the method of applying 
the Debye and Einstein theories of specific heats to atomic 
lattices. The procedure in the case of molecular lattices is some- 
what different but equally important, since the crystal lat- 
tice of most organic compounds is of the molecular type. The 
essential difference between the two cases resides in the fact 
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that, whereas the atomic lattices contain point masses which can 
only undergo translational displacements equivalent to com- 
pressional vraves, the molecular lattices are made up of molecules 
that possess three moments of inertia (two for diatomic or linear 
molecules). Consequently, the lattice motions consist of 
restricted translational motion of the center of gravity of the 
molecule, plus restricted (in general) rotation about the center of 
gravity. Thus molecular lattices absorb heat energy by reason 
of the compressional wave associated with translational vibra- 
tions plus a torsional wave associated with restricted rotations. 
On this basis the heat capacity of molecular lattices should 
require two Debye terms in order to take care of these two differ- 
ent types of wave motions. The case of free rotation is taken 
care of by assigning the equipartition value, J?/2, corresponding 
to each moment of inertia of the molecule, to the heat capacity. 

In addition to the thermal energy absorbed by lihese two waves, 
the internal vibrations of the molecule also absorb energy, since 
the molecule preserves its identity in the lattice. In the absence 
of such effects as hydrogen bonding these frequencies would be 
expected to be quite close to the fundamentals derived from 
infrared and Raman studies on the gaseous molecule; therefore, 
the contribution of these internal vibrations is readily computed 
by the methods described in Sec. 5. The molar-heat capacity 
at constant volume for such a crystal is, therefore, 

C, = 3ED(x.) + ZRD{xt) 4; J (7.71) 

1 

where Xe = hvT,lkT for the compressional wave and xt is the 
corresponding quantity for the torsional wave. The last term 
on the right-hand side represents the contribution to the heat 
capacity of the n internal, vibrational degrees of freedom of the 
molecule, treated as harmonic oscillators. If the molecule is 
diatomic or linear, the torsional Debye term becomes 2RD{xt), 
Values of (7« computed by means of this equation may be con- 
verted to Cp by means of the standard thermodynamic relation 

Cp - C. = (7.72) 

where a is the coefficient of thermal expansion, the coefficient 
of compressibility, and V the molar volume of the crystal. 
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11. Calculation of Heat Capacity of Molecular Lattices. 

Illustration 6 . — The heat capacity Cp of benzene at 15°K., as 
given by Lord, Ahlberg, and Andrews,-^ equals 0.920 cal, /mole. 
Lord and Andrews^® give the following values for the 30 fundamen- 
tal vibration frequencies of benzene (degeneracies in parentheses) : 


cm.”^ 

cm."^ 

992.6(1) 

3063(1) 

3061.5(1) 

1854(1) 

606.4(2) 

1145(1) 

3048.3(2) 

538(1) 

1595(2) 

1520(1) 

1176(2) 

406(2) 

850(2) 

1025(2) 

670(1) 

1477(2) 

1190(1) 

3077(2) 

1008(1) 

1160(2) 


Compute the molar-heat capacity at constant pressure of 
crystalline benzene at 270°K. 

Solution , — At low temperatures, such as 15°K., the right-hand 
side of Eq. (7.72) is very small and hence Cp ciii C^. Conse- 
quently, from Eq. (7.71), 

0.920 = 3ED (^^^ + ZBD ^ BEixi). (7.73) 

Since the lowest vibrational frequencies make the largest con- 
tribution to the internal heat capacity of the benzene molecule, 
the doubly degenerate vibration at 406 sets an upper limit to the 
individual contributions of the different frequencies to the 
observed heat capacity at 15®K. 6e corresponding to 406 is 581; 
therefore x equals 38.8. Referring to Table E-1, it will be 
noticed that values of x greater than 13.9 contribute less than 
0.0004 cal./deg. for a single degree of freedom; consequently, at 
15°K., the contribution of the internal benzene vibrations to the 
observed heat capacity is zero. Thus the observed value of 
0.920 cal. equals the heat capacity contributed by the two Debye 
terms. 

Assuming that the contribution of the two waves may be 
represented by an average value of 

0.920 = QBD 
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or 

ZRD = 0.460. 

Referring to Table D-1, the value of T/du corresponding to 0.460 
is very nearly 0.100; consequently fc = 15/0.10 = 150. The 
heat capacity of crystalline benzene at constant volume at any 
temperature is, therefore, 

C, = 6RD + ^ RE (7.74) 

and the value at constant pressure may be computed from Eq. 
(7.72). Lord, Ahlberg, and Andrews replace (aW ) in Eq. (7.72) 
by where k = 6.45 X 10“^ cal.*“^ for crystalline benzene; 

therefore 

Op = a + 6.45 X lO^^a^yr^ (7 75) 

In order to reduce the labor of computing the internal vibra- 
tional heat capacity of benzene, the frequencies will be lumped 
as follows: 


Frequency, cin.”i 

Degeneracy 

c. 

3062.5 

6 

0 

1854 

1 

0.0099 

1595 

2 

0.0594 

1491 

3 

0.136 

1118 

9 

1.680 

992.6 

1 

0.287 

850 

2 

0.908 

670 

1 

0.760 

606.4 

2 

1-788 

538 

1 

1.049 

406 

2 

2.740 



30 



^RE{xi) =9.417 



V 


The total internal vibrational heat capacity at 270°K. is^ 
therefore, 9.417 cal./ (mole) (deg.). The Debye contribution, at 
270°K., corresponding to T/Bjy = 1.800 (as read from Table 
D-1),- is twice 5.87; that is, 6i2D(150/270) = 11.74 cal. 
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Consequently, 


30 

C. = 62?Z)(15%7o) + X 

= 21.16 cal./ (mole) (deg.). 

The molar-heat capacity at constant pressure and 270°K. is then 
computed from Eq. (7.75): 

Cp = 21.16 + 6.45 X 10-^(21.16)2(270) = 21.16 + 7.80 

= 28.96 cal./ (mole) (deg,). 

The observed heat capacity at this temperature is 29.7 cal. 
corresponding to a discrepancy of 2.5 per cent in the calculated 
value. 

Lord, Ahlberg, and Andrews have carefully computed the heat 
capacity of benzene at 10° intervals between 4 and 270°K. by 
the foregoing procedure; except for the values at 25 and 270°K., 
the discrepancies between computed and observed heat capaci- 
ties are less than 1 per cent. 

12. Heats of Dissociation from Spectroscopic Data. — The 

absorption spectra of many molecules exhibit regions of line or 
discrete absorption, in which the spacing of successive vibrational 
bands decreases with increasing frequency ; eventually the spectra 
go over into regions of continuous absorption, characterized 
by the complete absence of fine structure. The decreased 
spacing of the vibrational levels with increasing frequency is due 
to the fact that the normal modes of vibration are not strictly 
equivalent to harmonic oscillators but are actually anharmonic; 
the energy levels, instead of being expressed by Eq. (7.52), are 
expressed by the equation 

£7. - (?; + H)hv - (v + HYxhv, (7.76) 

where v is the vibrational quantum number (0, 1, 2, ... ). 
The constant x measures the deviation from harmonic behavior 
and is called the “ anharmonicity coefficient.” Obviously, the 
spacing of successive vibrational lines will decrease if this relation 
is true. 

The explanation of the cessation of discrete absorption fol- 
lowed by continuous absorption is that, as the molecule attains 
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higher and higher vibrational levels, the frequency of oscillational 
motion increases to the point where the vibrating parts can no 
longer stay together and the molecule decomposes. Thus the 
molecule possessing quantized energy levels ceases to exist as 
such, and the absorption becomes continuous. If the molecule 
is diatomic, the products of dissociation must be two atoms; 
if the molecule is polyatomic, the products of dissociation will 
usually contain more complex fragments. Thus, only in the case 
of diatomic molecules are the products of photodissociation 
fairly definite; even in this case uncertainties may exist regarding 
the state of excitation of the products. Since the calorimetric 
heats of formation employed in thermochemical calculations 
refer to the ground state of all species concerned, it is important 
that heats of dissociation of diatomic molecules, deduced from 
spectroscopic data, be adjusted to this basis from known energy 
level data or else not be employed in ordinary thermochemical 
considerations. For example, the wave length at which discrete 
absorption ends and the continuous begins (convergence limit) 
in the chlorine spectrum is 4,7851. (2.0S X 10^ cm.”^), which is 
equivalent to 59,400 cal./mole. However, this figure cannot be 
used as the heat of formation of 2C1 from CI 2 unless auxiliary 
spectroscopic data are available or the calorimetric heat of 
dissociation is known, because this datum alone does not prove 
that two normal chlorine atoms are produced by photodissocia- 
tion. Another method for determining the heat of dissociation, 
which does not depend on the observation of the convergence 
limit, is that due to Birge and Sponer.^^ This method is based 
on the fact that, since the convergence limit is the state of 
maximum vibrational energy* for the molecule before it disso- 
ciates, the corresponding vibrational quantum number at con- 
vergence is determined by differentiation of Eq. (7.76) with 
respect to v and equating to zero: 

^ = hv - 2{vc + M)xhy = 0. (7.77) 

av 

In this equation, Vc is the vibrational quantum number at the 
convergence limit. Therefore 

1 

2x 2’ 


(7.78) 
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substituting this value for Vc in Eq. (7.76) gives 


Ec 


hv 

4x 


(7.79) 


for the total vibrational energy at the convergence limit. The 
energy in excess of the zero-point vibrational energy is 



hv 

'2 


(7.80) 


if the small xhv/4: term is neglected. This, then, represents the 
energy required to dissociate a diatomic molecule into atoms 
at the absolute zero, since no cognizance is taken of any possible 
contribution from the kinetic energy of the molecule before dis- 
sociation, or kinetic energy given to the atoms after dissociation. 

In some cases the quantum of radiation absorbed is sufBcient 
to raise the molecule to a vibrational level of an upper electronic 
state such that dissociation can take place. In this case, if the 
height of the zero vibrational level of the upper state above the 
zero of the ground state is known, the dissociation energy for 
the upper level can be computed; but it is of no great significance 
for ordinary thermochemical calculations. 

13. The Heat of Dissociation of Chlorine. Illustration 7. — 
The vibrational energy levels of the CI 35 CI 36 molecule (in recipro- 
cal centimeters) are given by the equation2o>i'-309 

o>35 = 564.1(!; + M) ““ 3.99(t; + K)^ 
and for the CI35CI37 

C 037 = 556.1 (v -f- 3^) — 3.89 (t^ -h 3^)^* 

The moment of inertia^®'^*^^^ of CI 2 equals 114 X lO”^^ g. cm.^ 
Chlorine atoms possess the following energy levels: 


Term 

Energy, cal. /mole 

Weight, — p 


Ground 

4 


2,505 

2 


a. Compute the energy of dissociation of CI 2 at 0°K. 
h. Compute the AH for the reaction 

Cbcff) = 2Cl(ff), 


at 25°C. 
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c. Explain the discrepancy between the result of (6) and the 
value 59,400 cal. computed from the convergence limit at 
4,785A. What is the heat of formation of Chff) at 25°C.? 

Solution. — a. The anharmonicity coefficients for the two 
chlorine molecules are 


Xz$ 


3.99 

564.1 


= 7.07 X 10-3 


Xz7 


3.89 

556.1 


7.00 X 10" 


From Eq. (7.80), the heat of dissociation of CI 35 GI 35 in calories is 


_ (564.1)(2.844) 
^ 4(7.07)10-3 

for the CI35CI37 


(2.844) (564.1) 
2 


55,900 cal. /mole; 


(556. 1) (2.844) (2.844) (556.1) 

^ 4(7.00)10-3 2 


55,710 cal./mole. 


The dissociation energy for the naturally occurring isotopic 
mixture consisting of 60 per cent CI 35 CI 35 and 40 per cent CI 35 CI 37 
would, therefore, be 

D = (0.6) (55,900) + (0.4) (55,710) = 55,820 cal./mole. 

The value of the dissociation energy obtained by this procedure 
corresponds to the reaction at the absolute zero. 


Ch(a) = 2C1(^) AEo^ = 55,820. 

b. The heat of this reaction at 25°C. may then be computed 
from the relation 


AF 208 = 55,820 + 2(F%98 - Eo°)cl - (il%98 ~ J?o°)ch. (7.81) 
This may be done as follows: From the relation 

H° = E°+PV = Eo° + RT^ + I RT, (7.82) 


where = N'Se'p^ (7.14)], the heat con- 

tents of CI 2 and 2C1 at 298.1®K. may be evaluated with respect 
to the absolute zero. 

For CL — ^The partition function for Cl atoms may be computed 
from the foregoing energy levels. 

= 4 + 26-3*505/592.3 = 4 + 26-4.23 = 4 + 2(0.0146) ^ 

4.029. 
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d In Q (2,505) (2) (0.0146) _ , ^ i o 
dT ~ 4.029 


substituting in Eq. (7.82) gives 


2{,H° - Eo°) = 2(18.18 + HR'T) = 2(1,499) = 2,998 cal. 


For CI 2 . — The average fundamental frequency for the natural 
isotopic mixture of chlorine molecules may be taken from the 
foregoing equations as 561 cm.“^ The approximate partition 
function is 

, Q — Qr ■ Qv 

where 


Therefore 


= (1 - 6 -*-'^'=^ 
In Qb- Qv = In Qr + In 


(s = 2) 
Qv 


dlnQs- Qv _ fdlnQB , din Qv\ 
df \ dT dT J 

where a: = ^ = = 2.70. Therefore, = 0.194 and 

RT^i^Q ^ 592.3(1.194) = 709. 

The heat content of Cl 2 (a) in excess of the zero-point energy at 
298.1° is, therefore, 

(F° - Eo'') =^709 + 2.5(592.3) = 709 + 1,481 = 2,190 cal. 

Substituting the above heat-content data for 2C1 and CI 2 in 
Eq. (7.81) gives 

AJ ?298 = 55,820 + 2,998 - 2,190 = 56,630 caL/mole. 

c. As just pointed out, the heat of dissociation of CI 2 , as deter- 
mined by the convergence limit at 4,785A, which is equivalent 
to 59,400 cal., does not necessarily correspond to dissociation 
into two normal Cl atoms. If it is assumed that the dissociation 
effected by radiation of this frequency corresponds to the pro- 
duction of one normal Cl atom and one Cl atom in the state, 
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then the energy for the dissociation into two normal atoms would 
be 59,400 — 2,500 = 56,900 at 0°K. This figure is in fair agree- 
ment with the indirectly computed value (55,820), which makes 
it very probable that the photodissociation produces one normal 
and one excited Cl atom. The value 56,900 should be used in 
thermochemical calculations after correction to 25®C. by the 
procedure given in (6). Consequently, for the process 

Cl 2 (i?) = 2C1(£,), = 57,708 cal. 

The standard heat of formation of Cl(i,) is then 28,854 cal./mole 
at 25°C. 

14, The Third Law of Thermodynamics. — In Chap. VI, Sec. 1, 
the statement of the third law favored by Eastman and Milner-® 
was given with the admission that further elaboration was 
required. This may be advantageously undertaken by con- 
sidering some of the apparent contradictions to this law in the 
light of the foregoing discussion of the statistical computation of 
entropies. When the entropies of gaseous N 2 O, NO, CO, and 
H 2 O are computed from spectroscopic data and compared with 
the calorimetric values, the following results are obtained: 


Molar Entropies at 298. 1°K. 



Spectroscopic 

Calorimetric 

A 

N 20 

52.581 

51 44 

1 14 

NO (121.4®K.) 

43.75 

43.0 

0.75 

CO 

47.316 

46.2 

1.12 

H 2 O 

45.17 

44.23 

0.94 


It will be noted that the spectroscopic entropy is greater than the 
calorimetric value, by amounts ranging from 0.75 to 1.14 units, 
for all four molecules. 

In accordance with the quantum theory, a system containing 
a mole of identical particles, when cooled at a slow- enough rate to 
permit attainment of equilibrium all the way down, will eventu- 
ally drop into the lowest energy level at the absolute zero. If 
the system can exist in only one configuration or state under these 
conditions, the entropy is zero, in accordance with the Planck 
relation, 


S = Ring ^ 


(7.83) 
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since the multiplicity 'g then equals unity. If now, in the case of 
N 2 O, NO, and' CO, it is impossible, because of the similarity 
of the sizes of the atoms on both ends of the molecule, for the 
molecules to distinguish between orientations of the type NO — NO 
or NO — ON in the crystal, and if these two states possess prac- 
tically identical energy, the degeneracy or multiplicity of the 
lowest level is two; hence the entropy at the absolute zero would 
be 

>So = In 2 = 1.38 units. 

The fact that the discrepancy is never quite 1.38 is explained by 
some tendency towards ordering, owing to one orientation’s 
being preferred to the other. 

In these cases the calorimetric entropy is smaller than the 
spectroscopic, because, as the temperature is lowered, the rate at 
which the system passes over to the ordered arrangement required 
by the third law is very slow compared to the time required for 
observations; hence the observed heat capacities at very low 
temperatures are smaller than they would be if true equilibrium 
were attained. Consequently the area under the Cp — \n T 
curve used to evaluate the entropy is too small and the spectro- 
scopic value is the more accurate value. The discrepancy 
between the statistical and the calorimetric entropy of H 2 O is 
beheved to be connected with the coordination of the water 
molecules through hydrogen bonds in the crystal. 

Another source of discrepancies between calorimetric and 
spectroscopic entropies is the establishment of false equilibriums 
between ortho and para forms of molecules (H 2 , r> 2 , etc.) possess- 
ing nuclear spins. Ordinary hydrogen consists of three moles of 
ortho hydrogen to 1 mole of para at temperatures above room 
temperature, but with decreasing temperature the proportion of 
para increases. At the absolute zero, all the hydrogen should be 
in the 0th rotational level of the para form, if true equilibrium is 
attained. Actually, unless activated charcoal or ammonia 
synthesis catalyst is in contact with the hydrogen, the rate at 
which ortho goes over to para is so slow that during the usual 
course of measuring the heat capacity, the high temperature 
ratio of ortho to para is maintained. Instead of the entropy of 
this mixture falling to zero at the absolute zero, itTs greater by 
the sum of the degeneracy of the lowest rotational state (9) of 
ortho hydrogen, plus the entropy of mixing due to the fact that 
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the crystal is a solid solution of 1 part para H 2 plus 3 parts ortho 
H 2 . Thus 4.39 units must be added to the entropy deduced 
from the Cp — InT plot in order to obtain the entropy of the 
actual mixture of 3:1 hydrogen used in the calorimetric experi- 
ments. Here again, it should be noted that if true equilibrium 
were attained at the absolute zero, all the H 2 would be para and 
the entropy would be zero, i.e., there wuuld be no multiplicity or 
mixing entropy. 

The entropies of glasses, which are crystals not in a state of 
equilibrium, have been the subject of a number of careful 
investigations. In all cases it Tvas found that glasses possess a 
positive entropy at the absolute zero which is believed to be due 
to the existence of several states of the molecule of practically 
identical energy, which differ slightly in orientation or relative 
position of the molecules. This entropy will doubtless vanish if 
the glasses are maintained at very low temperatures long enough 
for the glass to come to equilibrium. 

The assignment of zero entropy to molecules known to consist 
of mixtures of isotopes, instead of allotting a residual entropy of 

Sm = -iBSiV'i In Ni (7.84) 

at the absolute zero, is justifiable. Eastman^^ has pointed out 
that the proportions of the mixtures do not change significantly 
in chemical reactions and, therefore, this term need not be 
included in the evaluation of the practical entropies used in 
thermochemistry. It is hoped that the foregoing sketchy discus- 
sion has clarified the statement of the third law, given in Chap. 
VI, to some extent. The reader is referred to the chapter on 
Statistical Methods in Glasstone’s Recent Advances in General 
Chemistry”®® for further expansion and clarification of some of 
the theoretical discussions presented in this chapter. 

References 

1. Tolman: “Statistical Mechanics with Applications to Physics and 

Chemistry,’' Reinhold Publishing Corporation, New York, 1927. 

2. Giaxjque: /. Am. Chem. Soc., 62, 4808 (1930). 

3. Kassel: Chem. Rev., 18 , 277 (1936). 

4. Kassel: J. Am. Chem. Soc., 66, 1351 (1933). 

5. Pitzer: J. Chem. Physics, 6, 469 (1937). 

6. Emixopp and Aston: J. Chem. Phys., 3 , 379 (1935). 

7. Kassel: J. Chem. Phys., 4, 276, 435 (1936). 



160 


PRINCIPLES 


[Chap. VII 


8. Schumann and Aston: J. Chem. Phys.j 6, 480 fl938). 

9. Schumann and Aston: /. Chem. Phys., 6, 485 (1938). 

10. Pitzek: Chem. Rev., 27, 39 (1940). 

11. Wilson: Chem. Rev., 27, 17 (1940). 

12. Aston: Chem. Rev., 27, 59 (1940). 

13. Gibson and Heitler: Z. Physik, 49, 465 (1928). 

14. Sutherland: “Infra-Red and Raman Spectra, Methuen & Co., Ltd., 

London, 1935. 

15. Bonner: J. Am. Chem. Soc., 68, 34 (1936). 

16. Badger: Rev., 46, 648 (1934). 

17. Egan and Kemp: J. Am. Chem. Soc., 69, 1264 (1937). 

18. Morino and Mizushima: Sci. Papers Inst. Phys. Chem. Research 

(Tokyo) 32, 220 (1937). 

19. MacMillan: “Theoretical Mechanics- Dynamics of Rigid Bodies/’ 

p. 38, McGraw-Hill Book Company, Inc. New York, 1936. 

20. Epstein: “Textbook of Thermodynamics,” John Wiley & Sons, Inc., 

New York, 1937. 

21. Kelley: I. The Entropies of Inorganic Substances, Bur. Mines Bull. 

350 (1932). 

22. Seltz, DeWitt, and McDonald: J. Am. Chem. Soc., 62, 88 (1940), 

23. MacDougall: “Thermodynamics and Chemistry,” John Wiley & 

Sons, Inc., New York, 1926. 

24. Taylor: “Treatise on Physical Chemistry,” Vol. 2, p. 1157, D. Van 

Nostrand Company, New York, 1925. 

25. Lord, Ahlberg, and Andrews: J. Chem. Phys., 6, 649 (1937). 

26. Lord and Andrew's: J. Phys. Chem., 41, 149 (1937). 

27. Birge and Sponer: Phys. Rev., 28, 259 (1926). 

28. Eastman and Milner: J. Chem. Phys., 1, 444 (1933). 

29. Eastman: Chem. Rev., 18, 257 (1936). 

30. Glasstone: “Recent Advances in General Chemistry,” P. Blakiston’s 

Son & Company, Inc., Philadelphia, 1936. 



CHAPTER VHI 


SPECIAL METHODS (SEMIEMPIRICAL) 

The present chapter deals with, methods for estimating 
entropies, free energies, and heat capacities by various empirical 
and semiempirical procedures. In view of the structural 
regularities in organic compounds, it is not surprising that the 
most extensive and reliable methods are available for these com- 
pounds; whereas the procedures available for inorganic com- 
pounds are limited in scope and reliability. Regardless of which 
class of compounds is under consideration, the most generally 
useful method for estimating free energies is the indirect method 
of estimating entropies, in conjunction with the known values 
for heats of formation. Furthermore, it is very often possible 
to make good guesses for entropies, simply by analogy or a 
common-sense study of all known entropy data for either class of 
compounds. The significance of this statement will become 
clearer as the presentation of the data develops. 

1. The Method of Structural Similarity. — The rules for esti- 
mating entropies and free energies of organic compounds, based 
on observed regularities in homologous series and the effect of 
certain definite structural modifications on these two items, have 
been summarized by Parks and Huffman in their monograph.^ 
On the basis of some newer data. Parks- has made a review 
of the entropy and free-energy relations among the paraflSn and 
olefin hydrocarbons. The available data on the entropy of the 
normal paraffins in the gaseous state indicate that the entropy 
of this series of compounds may be satisfactorily expressed by 
means of the equation 

>5298 = 34,0 + lO.On, (8.1) 

where n is the number of carbon atoms in the molecule and 10 
represents the entropy increment per CH 2 group. The increment 
in the standard molar free energies of formation of this series of 
compounds is plus 1,440 cal. per CHa group, that is, the higher 
members of the series become increasingly less stable. The 
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effect of branching in the paraflSn series is, in general — but not 
always — to produce an isomer which is more stable than the 
normal compound. 

In the case of olefinic compounds, the entropy is usually less 
than the entropy of the corresponding paraffin by about 2.4 units, 
regardless of state. The effect on the molar free energy of 
formation is that the olefin is about 20,000 cal. less stable than 
the corresponding paraffin. Similar regularities are observed 
in the entropies and free energies of formation of normal aliphatic 
alcohols. A more extensive discussion of the subject will be 
found in the chapter on the effect of modifications in molecular 
structure upon the molar entropy and free energy, in the mono- 
graph by Parks and Huffman. These rules have proved to be 
an invaluable aid in discussing the thermodynamics of organic 
compounds. 

2. Estimation of Entropies of Organic Compounds. — Strelkoff^ 
presents a tabulation of the entropies of organic compounds, 
which are in either the solid or the liquid state at room tempera- 
ture. A study of the relation between the molar heat capacities 
at constant pressure and the entropies at 298°K. has led Strelkoff 
to formulate the following approximate rules for computing the 
entropies of organic compounds when is known at room 
temperature: 

&98 - hlCp. (Solids) (8.2) 

^298 = lACp. (Liquids) (8.3) 

The molar heat capacities and entropies at 25°C. are given 
for a few of the compounds cited by Strelkoff in Table 1. 

Since it is very often the case that the entropies of structurally 
similar organic compounds in the solid or liquid state are not 
spread over much of a range, it is possible to make rough, work- 
able estimates of entropies when the entropy of some related 
compounds is known. For example, the entropy of solid 
benzoic acid at 25°C. equals 40.8 units and, as a first approxima- 
tion, it might be guessed that the entropy of solid benzene 
sulphonic acid would be about 45 units. That is, a moderate 
increase has been allowed for the replacement of the CO group 
by the more complex SO 2 group. Again, the entropies of liquid 
nitrobenzene, benzyl alcohol, and aniline at 25°C. are 53.6, 51.8, 
and 45.8 units, respectively. Since the molecular weight of 
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benzaldehyde is closest to benzyl alcohol but contains one 
molecule of H 2 less, a value of about 49 units should be a fair 
approximation to the entropy of this compound. On the other 
hand, it should not be concluded that the entropies of n-butyl 
alcohol and diethyl ether are equal because they are isomeric 
compounds. The entropies of these two liquids are 54.5 and 
60.5 units, respectively^ — a difference due to the structural 
dissimilarity of the two compounds. 


Table 1. — ^The Relation between Heat Capacity and Enteopy at 
25®C. FOR Some Organic Compounds 


Compound 

Melting 
point, °K. 

1 

Boiling 

point, 

Cp 

S 

s 

Cp 

Anthracene 

490 

624 

49.5 

49.6 

1.003 

StUbene 

397 

580 

54.2 

60.0 

1.108 

Phenol 

314 

454 

31.8 

34.0 

1.070 

Benzoic acid 

394 

522 

34.7 

40.8 

1.175 

Urea 

406 

22.4 " 

25.2 

1.123 

2- Methyl butane 

115 

303 

37.5 

60.8 

1.621 

Benzene 

278,5 

353 

32.1 

41.9 

1.304 

Ethylene glycol 

261.5 

470.5 

35.7 

39.9 

1.118 

CCI4 

251 

349.7 

31.7 

49.1 

1.547 

Dioxane 

284.1 

373 

34.9 

47.0 

1.348 



The replacement of the two hydroxyl groups of ethylene glycol 
(^298 = 39.9) by chlorine atoms produces the compound, ethylene 
dichloride, having an entropy equal to 49.84 units. Thus the 
effect of replacing an OH group of a polyhydric alcohol by a Cl 
atom is an average entropy increase of 5.0 units in the liquid 
state. It might therefore be estimated that the entropy of 
glyceryl trichlorohydrin would be about 15 units greater than 
glycerin (48.87), or about 64 caI./(mole)(deg.). Similarly, the 
entropy of liquid glycolchlorohydrin would be about 45.0 units 
at 25®C. The corresponding free energies may readily be 
estimated when the necessary data on heats of combustion or 
formation are available. 

The foregoing examples are illustrative of the sort of considera- 
tions that may be employed to evaluate rough, preliminary values 
for entropies and free energies of compounds that have not been 
subjected to thermod 3 rnamic studies. In order to facilitate the 
(Text continues on p. 175.) 
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Tabi-e 2. — The Molak Entkopt of Some Solid Aromatic Compounds 

AT 25°C. 


‘ 1 

Compound 

Formula 

Entropy 

Phenol 

OH 

34 0 









Catechol 

OH i 

35.9 



OH 



\/ 



Resorcinol 

OH 

35.3 







OH 





Hydroquinone . . 

OH 

33 5 









p-Dichlorbenzene 

C 6 H 4 CI 2 

41.9 

1,2,4,5-Tetrachlorbenzene .... 

C 6 H 2 CI 4 

55.2 

Hexachlorbenzene 

CeCl, 

> 

71.2 

p-Dibrombenzene 

C6H4Br2 

46.4 

Benzoic acid 

COOH 

40.8 






\/ 



o-Hydroxy benzoic acid 

C6H4(0H)C00H 

42.6 

w-Hydroxy benzoic acid 

C6H4(0H)C00H 

42.3 

p-Hydroxy-benzoic acid. 

C6H<(0H)C00H 

42.0 

Phthalic acid 


COOH 

49.7^ 



COOH 






Phthalie anhydride 

/\ n 

42.9^ 



> 



\/ 

c 

0 





Sec. 2] SPECIAL METHODS (SEMIEMPIRIC AL) 165 

Table 2. — The Molar Entropy of Some Solid Aromatic Compounds 
AT 25°C. — (Continued) 


Compound 

1 

Formula I Entropy 

o-Nitroaniline 

XO 

2 


42.1 


A 

XH: 




\/ 




77?^Nitroanilme 


(XO 

=)(XH,) 

42.1 

p-Nitroaniline 

CeH, 

(XO 

2)(XH.) 

42.1 

o-Nitrobenzoic acid 

XO 2 


49.8 



|COOH 


\/ 




wi-Nitrobenzoic acid 

CsH, 

,(XO 

.)(C00H) 

49.0 

p-Nitrobenzoic acid 

CeH, 

(XO 

2)(C00H) 

50.2 

o-Dinitrobenzene 

XO 2 


51.7 



N 02 



\/ 




Tw-Dinitrobenzene 

CeH, 

(XO 

2)2 

52.8 

1,2,4,5-Tetramethylbenzene . 


CH 

3 

58.7 

* 


A 

CH, 



CH, 

\/ 





CH 

3 


1,2,3»4,5-Pentamethylbenzene . 

CaHCCHj 

)s 

70.3 

Hexamethylbenzene 

C6(CH,)6 


74.0 

Diphenyl 

c 

3<3 

49.2 

Diphenylethane. 

c 


>CH2— CHj<^ ^ 

64.6 

Diphenylethylene (stilbene) . . . 

c 

\ 

y 

>ch=ch/ \ 

60.0 

Diphenylmethane 

c 

\ 

/ 


57.2 
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T.1BLE 2. — The Molae Entropy of Some Solid Aromatic Compounds 
AT 25®C. — {Continued ) 
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Table 2. — The Molar Entropy of Some Solid Aromatic Compounds 
AT 25 °C. — {Continued) 


Compound ; Formula Entropy 



Table 3. — The Molar Entropy of Some Liquid Aromatic Compounds 

AT 25°C. 


Compound 
Benzene 

Toluene 

o-Xylene 

m~Xylene 

p-Xylene 


Formula 



CMdCIl,)2 

C6H4(CH3)2 


Entropy 

41.9 


52.4 


59.3 


60.3 

60.5 
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Table 3. — The Molar Entropy of Some Liquid Aromatic Compounds 
AT 2o®C. — ( Continued) 


' r 
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Table 3. — The Molar Entropy of Some Liquid Aromatic Compounds 
AT 25°C. — (Continued) 


Compound 


Formula {JEntropy 


Nitrobenzene NO 2 


Benzyl alcohol C H 2 O H 


Fluorbenzene CeHsF 

Chlorbenzene C 6 H 5 CI 

Brombenzene C eHsBr 

lodobenzene CeHsI 

Thiophenol SH 


Aniline NH 2 


Thiophene . 


Pyridine. 


QuinoMne. 
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T.\ble 4. — The Molab Enteopy of Some Solid Aliphatic Compounds 

AT 25°C. 


Compound 


Formula 

Entropy 

Oxalic acid 

(COOHh 


28.7 

Urea 

C 0 (NH 2)2 


25.2 

Glycine 

ISH 2 CH 2 COOH 


26.1 

Erythritol 

CH20H(CH0H)2CHj0H 

39.9 

Mannitol 

CH20H(CH0H)4CHi.0H 

57.0 

Dulcitol 

CH20H(CH0H),CHj0H 

56.0 

d,a-Glucose 

CeHnOe 


50.7 

jS-Lactose 

C 12 H 22011 


96.4® 

Sucrose 

C 12 H 22011 


86.1 

Fumaric acid 

HOOC— CH 

ni—cooH 

39.7 

Maleic acid 

HC— COOH 

11 

HC— COOH 


38.1 

Succinic acid 

Amyl amine hydro- 

H 2 C— COOH 
Hsi— COOH 


42.0 

chloride 

C 6 HnNH 2 HCl 


63.7 

Stearic acid ^ 

C 17 H 35 COOH 


129.9 

Palmitic acid 

CisHaiCOOH 


113.7 

Hexamethylethane . . 

(CH,) 3 C-C(CH,) 

3 

61.4 

Eicosane 

C 20 H 42 


133.5 

Pentacosane 

C 25 H 52 


160.4 

Tritriacontane 

CasHes 


209.8 

dZ-AIanine 

CHj,CH(NH2)COOH 

31.6 

d(Z 4 -)-Lactic acid. . . 

CH,CH(OH)COOH 

34. 30" 

Z (d — )-Lactic acid . . . 

CHaCH(OH)COOH 

34.00^ 

Z-Ajsparagine 

CH3C(NH2)(C00H)C0NH2 

41.7 

Z- Asparagine hydrate 

CH3C(NH2)(C00H)C0NH2-H20 

51.0 

Z-A.spartic acid 

HOOCCH2CH(NHj)COOH 

41.5 

d-Glutamic acid .... 
Glutamic acid hy- 

H00CCH2CH2CH(NH2)C00H 

45.7 

drochloride 

H00CCH2CH2CH(NH2)C00H*HC1 

59.337 

Creatine 

HjNC(=NH)N(CH,)CHaCOOH 

45-3 

Creatine hydrate . . . 

H2NC(=NH)N(CHa)CH2C00HH20 

56.08 

Creatinine 

NH— ( 

HN=C'^ 

\ 

N ( 

in. 

DO 

DH 2 

40.1 
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Table 4. — The Molar Entropy of Some Solid Aliphatic Compounds 
AT 25 ®C . — ( Continued ) 

Compound 

Formula 

Entropy 

dMiCUcine 

(CH3)2CHCH2CH(XH2)C00H 

49 53 

d/-Ornithine 

H2NCH2(CH2)2CH(NH2)C00H 

46.28 

Ornithine dihydro- 
chloride 

H2NCH2(CH2)2CH(NH2)C00H-2HC1 

70 257 

d^-Citrulline 

HjNCONHCH.(CH2 )2CH(NH.)COOH 

60 8® 

d- Arginine 

H2NC(=NH)NHCH2(CH2)2CH(NH2)- 

59. 

Guanidine carbonate 

COOH 

(H2XC(=NH)NH2)2-H2C03 

70.597 

Cvsteine 

HSCH2CH(XH2)C00H 

40.6 

C vstine 

(— SCH2CH(NH2)C00H)2 

68.5 

/^,/3'-Dithiodilactic 
acid 

(— SCH2CH2C00H)2 

65.5 

Adenine 

N=C— NH 2 

36.1 


Hypoxanthine . 


Guanine . 


Uric acid. 


N=C— OH 


i, I / 

HC C— N 

II 1 > 

N=C— OH 

I I ^ 

HaNC C— 

II 1 > 

N=C— OH 
I I H 


HO— C 


C— OH 


N— C— N 

AUantoin HN— CHNHCONHa 


HN— C=0 
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Table 4. — The Molar Entropy of Some Solid Aliphatic Compounds 
AT 25®C. — (Continued) 


Compound 


Formula 

Entropy 

Alloxan I 


XH—co n 

! 44.6 




/ 





oc 

CO 

— HaO 




/ 





L 

NH— CO J 



/-Tyrosine * 

CHoCHCNH.lCOOH i 

53.09 




OH 




\/ 



Z-Proline 

H.C 

1 

CH. 

40 gs 


1 

HoC 

CHCOOH 



\ / 




X 




H 


Taurine 

HoNCH-iCH^SOsH 

36.8* 


* Ie this table for convenience. 


Table 5. — The Molar Entropy of Some Liquid Aliphatic and Alicyclic 
Compounds at 25°C. 


Compound 

Formula 

Entropy 

n-Pentane 

C 5 H 12 

62.8'® 

2 -Methvlbutane 

C 5 H 12 

60.8 



50.5" 

n-Hexane 

C€Hi4 

70.6" 



70.8 



60.2® 

2-Methylpentane 

CsHu 

60.0® 

2,2-Dimethylbutane 

C 6 H 14 

64. 4* 

n-Heptane 

C 7 H 16 

78.6" 

2 -Metliylhexane 

C 7 H 16 

75.3 

3"Methylhexane 

C 7 H 16 

74.0 

3-Ethylpentane 

C 7 H 16 

74.6 

2 , 2 -Dimethylpentane 

C 7 H 16 

68.1 

2 , 3 -Dimetliylpentane 

C 7 H 16 

72.4 

2,4-Dimethylpentane 

07016 

60.7 

3,3-Dimethylpentane 

C 7 H 16 

70.1 

2,2,3-Trimetliylbutane 

C 7 H 16 

64.8 

7 i-Octane. 

CgHig 

86.0 

2,2,4-Trimethylpentane 

CgHis 

78.4" 
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Table 5. — The Molae Entropy of Some Liquid Aliphatic and Alicyclig 
Compounds at 25°C. — {Continued) 


Compound 

Formula 

Entropy 

n-Nonane 

C 9 H 20 

93.9 

71-Decane 

C 10 H 22 

102.5 

n-XJndecane 

C 11 H 24 

110.9 

7i-Dodecane 


118.2 

Tetradecane 

CuHao 

134.4 

Di-isobutylene (low boil.) 

(CH3)3C— CH=C(CH3)2 

73.213 

(high boil.) 

(CH,)3C— CH=C(CH3)o 

74.5>3 

Tri-methy lethy lene 

(CH3)2C=CH— CHs 

59.5 

Tetra-methylethylene 

(CH3)2C=C(CH3)2 

65.1^3 

1,4-Pentadiene 

CsHs 

58.213 

Cyclopentane 

CsHio 

47.011 

Methylcy clopentane 

CsHsCHs 

59.2 

Cyclohexane 

CeHu 

49.211 

1,2-Dimethy Icy clopentane 

CeHsCCHs)! 

64.5 

Methylcyclohexane 

CeHiiCHs 

59.3 

Cyclohexene 

CeHio 

51.8 

w-Hexene 

C6Hi2 

68.1 

Heptene-1 

C 7 H 14 

78.6" 

tert-Butylethvlene 

C4H9-CH=CH2 

61 . 314 

72-Heptylcyclohexane 

CtHis-CsHii 

106.815 

71-Dodecylcyclohexane 

Ci2H2S*C6Hii 

147.515 

Methanol 

CH 3 OH 

30.3 

Ethanol 

CaHfiOH 

38.4 

7 i-Propyl alcohol 

C 3 H 7 OH 

46.1 

Iso-propyl alcohol 

C 3 H 7 OH 

43.0 

7 i-Butyl alcohol 

C 4 H 9 OH 

54.5 

tert-Butyl alcohol 

C 4 H 9 OH 

45,3 

71- Amyl alcohol 

CsHiiOH 

60.9 

tert-Amyl alcohol 

(CH3)2C0H-C2H5 

54.7 

71-Hexyl alcohol 

C 6 H 13 OH 

68.6 

Cyclohexanol 

CeHiiOH 

47.7 

Glycol 

CH 2 OH 

1 

39.9 


CH 2 OH 


Glycerol 

CH 2 OH 

1 

48.8715 


CH OH 

1 



CH 2 OH 


Dioxane 

CH 2 --CH 2 

47.0 


0/ \ 


I) 

\ / 



CH 2 — CH 2 
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Table 5. — The Molar Entropy of Some Liquid Aliphatic *and Alicyclic 
Compounds at 25“C. — (Continued) 


Compound 

Formula 

Entropy 

Diethvi ether 

Di'isopropvl ether 

(CsHrjjO 

HCOOH 

60.5 

70.4 

Formic acid 

33.1 

Acetic acid 

CH 3 COOH 

C 3 H 7 COOH 

CH 3 COOC 2 HS 

(CH 3 ) 2 C 0 

SHCH 2 CH 2 COOH 

CC 14 

38.0 

w-Butvric acid 

54.1 

Ethvl acetate 

62.0 

Acetone 

47.9 

/3-mercapto-propriomc acid 

54.7 

Carbon tetrachloride 

52.2 

Ethvlene dichloride 

C 2 H 4 C 12 

C2H4Br2 

C 4 H 9 Br 

CfiHnBr 

CeHisBr 

CH 3 XH 2 1 

49.84^7 

Ethylene dibromide 

53.37^7 

n-Butyl bromide 

78.22 

TV Amyl bromide 

97.29 

TvHexyl bromide 

108.33 

Methyl amine 

35. 90^* 



study of entropy data for such purposes, the available data 
on the entropies of solid and liquid organic compounds have been 
incorporated directly in the body of the text. The data have 
been taken chiefly from Strelkoff’s correlation, which is mainly 
the entropy data for liquids and solids recorded in Parks and 
Huffman. Additional data have been taken from literature 
since 1935. The original references have not been included since 
these may be traced either through the Parks and Huffman 
monograph or Strelkoff’s article. References are given to the 
additional data taken from the literature since 1935. 

By familiarizing himself with these figures, the reader should 
find it possible to evolve his own set of rules for estimating 
unknown entropies. If possible, estimates should be made by 
more than one rule as a check and as a rough criterion of the 
significance of the value finally adopted for use. 

3. The Entropies of Inorganic Solid Compounds. — ^Following 
Latimer’s success^® in showing that the entropy of 16 salts could 
be represented as the sum of the individual contributions from 
each atom in the compound, a number of semiempirical equations 
have been prepared for computing the entropies of salts, oxides, 
and sulphides. These rules have been summarized by Kelley^® 
in his first survey of the entropies of inorganic compounds. 
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Latimer’s rule gives the entropy contribution at 25°C. for the 
atom of atomic weight Ai equal to 


Si = %R In Ai- 0.94, (8.4) 


and hence the entropy of one formula weight of the salt is 


S = <Si + >S2 + • • • = In A 1 A 2 • • • - ?i(0.94). (8.5) 

All of these rules relate the entropy of the compound to %R 
times the logarithm of the product of the atomic w'eights of the 
constituent atoms. 



0 10 20 30 10 20 30 40 10 20 30 40 50 
Enfropy“25®C. 

Fig. 9. — The molar entropies of some inorganic solids. 

However, as shown by the graphs of Figs. 9 and 10, well- 
defined straight lines are obtained when the roolar entropies at 
25°C. are plotted against the molecular weight for each type of 
compound, instead of the product of the atomic weights. That 
is, the entropy is given by the empirical relation 

S = AlogM + B, (8.6) 

where the constants A and B are the same for the same type 
compound; in other words, the oxides»MO have the same values of 
A and S, the halide salts MX 2 all have the same values of A and 
Bj etc. On this basis it is possible to make a fair estimate of the 
entropy of a compound, if the entropies of two compounds of the 
same type are known so that an entropy-log M plot may be 
drawn. 
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Thus, although the entropy of the oxide CS 2 O 4 has not been 
directly determined, the entropies of the oxides Sb 204 and V 2 O 4 
are known. By plotting these values against log M, a straight 
line is drawn from which a rough estimate of 31 units is obtained 
for the entropy of CS 2 O 4 . Again, in the absence of a direct 
determination of the entropy of Ba 02 , an estimated value of 
15.5 units corresponding to the molecular weight 169.4 may be 
read from the MO 2 curve (Fig. 9). 



Fig. 10. — The molar entropies of some inorganic solids. 


In the case of several salts, the entropy of a hydrated form is 
available but not the anhydrous compound. Accordingly, the 
entropy of the anhydrous form was estimated by deducting 10 
units for each mole of water of crystallization contained in the 
hydrated form. Some justification for this procedure may be 
seen by considering the following pairs of compounds: 



jS* 298.1 


>5^298.1 


>^298.1 

Asparagine hydrate.: 
Asparagine 

51.6 

41.7 

CaSO*-2H20 

CaSOi 

46.4 

25.5 

NasSO^-lOHjO 

NajSOi 

140.5 

35.73 


9.3 

9.3 

20.9 

10.5 

104.8 

10.5 

AS per mole H 2 O. 






Apparently each mole of water of crystallization adds about 
10 cal./deg. of entropy. A rough estimation of the hypothetical 
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entropy of solid H 2 O at 25°C. gives about 9.4 units, and hence it 
looks as though the entropy change for the process 

Solid + a;H20(c) = Solid * xK^O 
is of the order of zero. 

When the water enters into chemical combination — as in the 
hydration of oxides to form bases, or the hydration of organic 
anhydrides to form solid acids — ^there appears to be a small 
decrease in entropy accompanying the addition of hypothetical 
solid H 2 O at 25°C., as can be seen from a comparison of the 
following data: 



jS298.1 


S298.1 


Sa98.i 


Sats.i 

Cd(OH)2 

CdO 

Difference 

21.2 
13 1 

Ca(0H)2 

CaO 

17.4 

9.5 

Mg(OH)2 

MgO 

15.09 

6.66 

Phthalic acid 

Phthalic anhydride 

49.7 

42.9 

8.1 

7.9 

8.43 

6.8 





Until more data become available, the approximate generaliza- 
tion may be made that the addition of H 2 O to solid compounds 
to form solids causes an entropy increase per mole of H 2 O of 
10, 8.2, and 7 units when the product is a crystalline hydrate, 
inorganic base, and organic acid, respectively. 

For the reader’s convenience in estimating unknown entropies, 
the available entropy data on inorganic solids are presented by 
type compound in the subsequent tables. These data are taken 
mainly from the two summaries by Kelley^®* and the literature 
since 1936. The original references for data found in these two 
compilations are not included but are given for the later data. 
Entropies enclosed in parentheses are estimated values. As 
additional data become available, graphs based on two or three 
entropies should be redrawn in order to obtain somewhat better 
average estimates for undetermined entropies. On the whole, it 
should, with rare exceptions, prove possible to estimate entropies 
from these charts within about three or four units of the correct 
value. Since this means an uncertainty in the free energy of less 
than 1,200 cal. at 25°C., the uncertainty thereby introduced is 
probably not much worse than the uncertainty in the older values 
for the heats of formation of many inorganic compounds. 
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Table 6.— The Atomic Entropiejs of Solid Elements at 25®C. 


Element 

! 

Atomic 

1 weight ; 

Entropy 

i 1 

Element 

1 

Atomic 

weight 

Entropy 

A1 

26 97 : 

6.73 ' 

1 

Ni 

1 

58.69 < 

7.1 

Sb 

121.76 

10.5 

Os 

190.2 1 

7.8 

As 

74 91 1 

, 8.4 j 

1 Pd 

106 7 

8.9 

Ba 

137.36 ! 

15. P® 

! P(r) 

30.98 

(7)22 

Be 

9 02 

2.28 

! P iw) 

30.98 1 

10.6®« 

Bi 

209.00 

13.60 

Pt 

195.23 

10.0 

B 

10 82 

a. or- 

K 

39.096 

15.2 

Cd 

112.41 

12.3 

Rh 

102.91 

7.6 

Ca 

40.08 

9.9 

Rb 

85.48 

16.6®® 

C (Gr) 

12.01 

1.36 

Ru 

101.7 

6.9 

C{D) 

12 01 

0.585®3 

Se 

78.96 

10.0®® 

Ce 

140.13 

13.8 

Si 

28.06 

4.5 

Cs 

132.91 

19.8 " 

Ag 

107.88 

10.2 

Co 

58.94 

6.8 

Na 

22.997 

12.2 

Cr 

52.01 

5.68®^ 

Sr 

87.63 

13.32® 

Cu 

63.57 

7.97 

S {Rh) 

32.06 

7.62®7 

Ga 

69 72 

10.2 

S {m) 

32.06 

7 7827 

Ge 

72 60 

10.1 

Ta 

180.88 

9.94®® 

HU 

126 92 

13.95 

Te 

127.61 

11.9®® 

Ir 

193.1 

8.7 

T1 

204.39 

15.35 

Fe 

55.85 

6.5 

Sn {w) 

118.70 

12.3 

La 

138 92 

13.7 

Sn(g) 

118.70 

10.7 

Pb 

207.21 1 

15.5 

Ti 

47.9 

6.6 

Li 

6.94 1 

6.70 

W 

183.92 

8.0 

Mg 

24 32 

7.76 

U 

238.07 

11.1 

Mn 

54.93 

7.61®s 

V 

50.95 

7.0®® 

Mo 

95.95 ! 

1 

6.8 

ZXL 

65.38 

9.95 

Table 7.- 

-The Molar Entropies of the Oxides M2O . 

AT 25°C. 

Compound 

Molar 

weight 

Entropy 

1 

j' 

1 Compound 

Molar 

weight 

! Entropy 

Cu^O 

143.14 

24.0 

f AgaO 

231.76 

29.092® 


Note: A number of the values given in this chapter were taken from the 
second revision of inorganic entropies by Kelley,®® which appeared after 
this manuscript had gone to press. 
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Ta:ble 8 . — The Molak Entropies of the Oxides MO at 25®C. 


Compound 

— 

Molar 

weight 

Entropy 

Compound 

Molar 

weight 

Entropy 

BeO 

25.02 

3.37=^« 

SrO 

103 63 

13 0 

MgO 

40.32 

6 66^1 

CdO 

128 41 

13.1 

CaO 

56.08 

9.5 

SnO 

134 70 

13.5 

MnO 

70 93 

14.4 

BaO 

153 36 

16.8 

FeO 

71.85 

14.2 

HgO (r) 

216.61 

16.5 

NiO 

74.69 

9.21 

HgO (y) 

216.61 

17 5 

CuO 

79.57 

10.4 

PbO 

223.21 

16.626 

ZnO 

81.38 

10.4 




Table 9 .— 

-The Molar Entropies of the Oxides M 3 O 4 

AT 25°C. 

Compound 

Molar 

weight 

Entropy 

Compound 

Molar 

weight 

Entropy 

Mn304 

228.79 

35 5 

Pb304 

685.63 

50.5 

Fe304 

231.55 

35.0 




Table 10.- 

-The Molar Entropies of the Oxides M 2 O 3 

AT 25®C» 

Compound 

— 

Molar , 
weight 

Entropy 

Compound 

Molar 

weight 

Entropy 

AI 2 O 3 

'1 101.94 

12.5 

AS 2 O 3 

197.82 

25.6 

VzOz 

149.90 

23.528 

Sb20s 

291.52 

29.4 

CraOa 

152.02 

19.42* 

Bi 203 

466 

36.226 

FoaO* 

159.70 

21.5 





Table 11 . — Tjm Molar Entropies of the Oxides MO2 at 25 °C- 


Compound 

Molar 

weight 

Entropy 

Compound 

Molar 

weight 

Entropy 

SiOaCQ) 

60.06 

10.128 

Sn02 

150.70 

12.5 

BiOi(Cr) 

60.06 

10.3528 

Ce02 

172.13 

(17.7) 

SiOsCTR) 

60.06 

10.528 

Pb02 

239.21 

18.3 

TiOi 

MnOz 

79.9 

86.93 

12.4522 

13.9 

Th02 

264.12 

(19.6) 
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T.VBLB 12. — The Molar Entropies of the Oxides MjOi at 25°C. 


Compound 

Molar ■ i 
weight 

1 Entropy 

, Compound ’ 

1 

1 Molar 
weight 

Entropy 

V£04 

165.90 

1 

24.5^8 1 

1 

Sb 2O4 1 

t " 1 

307.52 

i 

30.4 

i 

1 

Table 13.- 

-The Molar Entropies of the Oxides MaOs 

AT 25° C. 

1 

Compound I 

1 

Molar 1 
weight j 

Entropy 

Compound 

! ! 

Molar 

, weight j 

Entropy 

V2O5 

181.90 1 

* 

31.32« 

i ^ 

SbaOs 

1 

323.52 

29.9 

AS2O5 

229.82 

25.2 ; 

Ta.Oi 

J 441.76 

34.233 

Table 14. — ^The Molak Entropies 

OP Miscellaneous Oxides at 25°C. 

Compound 

Molar 
weight 1 

! 

! 

Entropy ' 

i 

1 

j Compound 

I ] 

j i 

• Molar 

1 weight j 

Entropy 

WO3 

231.92 

(18.3) 

u,o, 

842.21 

(72.7) 

Table 15. — The Molar Entropies op the Salts MX at 25®C. 

1 

Compound 

Molar 

weight 

Entropy 

Compound 

Molar 

weight 

Entropy 

NaCl 

58.454 

17.3 

KI 

166.016 

24.1 

KCl 

74.553 

19.75 

AgBr 

187.796 

25.62 

CuQ 

99.027 

20.8 

Cul 

190.49 

23.1 

NaBr 

102.913 

20.1 

Agl 

234.80 

27.6 

KBr 

119.012 

22.5 

TlCl 

239.847 

25.626 

AgCl 

143.337 

22.97 

TlBr 

284.306 

26.8 

CuBr 

143.486 

22.8 

Til 

331.31 

29.9 

Nal 

149.917 

22.5 




Table 16.- 

—The Molar Entropies op the Salts M2X2 

AT 25°C. 

Compoimd 

Molar 

weight 

Entropy 

Compound 

j 

Molar 

weight 

Entropy 

HgaCla 

472.134 

47 0 

HgaBra 

561.052 

. 52.8 
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Table 17. — The Molae Entropies of the Salts MX 2 at 25°C. 


Compound 

Molar 

weight 

Entropy 

, 

Compound 

Molar 

weight 

Entropy 

CaFj 

78.08 

16.4 

BaCli-2H20 

24# 306 

48.5835 

CrCU 

122.924 

27.424 

BaCU 

208 274 

(28.6) 

FeCl, 

126.704 

29.4 

CdBro 

272.242 

32. 02 s 

ZnCU 

136.294 

25 . 92 s 

PbClo 

278.124 

32.6 

BaP. 

175.36 

23.0334 

PbBrs 

367.042 

38.6 

CdCl. 

183 324 

31.5 

Pbl2 

461.05 

42.2 

ZnBra 

225 212 

33 . 02 s 




Table 18. 

— The Molar Entropies of the Salts MXs at 25°C. 

Compound 

Molar 

weight 

Entropy 

Compound 

Molar 

weight 

Entropy 

CrCU 

158 381 

28.224 

BiCls 

315.371 

46.0 

SbCU 

1 

! 

228 131 

44.8 




Table 19.- 

—The Molar Entropies of the Salts MXO 3 

AT 25°C. 

Compound 

Molar 

weight 

Entropy 

Compound 

Molar 

weight 

. 

Entropy 

KCIO 3 

122.553 

34.2 

KIO 3 

214.016 

36.2 

KBrOs 

167.012 

35.7 

AglOs 

282.80 

37 . 52 s 

RbClOa 

168.937 

36. 32 s 




Table 20.- 

—The Molar Entropies of the Salts MXO 4 

AT 25°C. 

Compound 

Molar 

weight 

1 

Entropy 

Compound 



Molar 

weight 

Entropy 

KClOi 

138.553 

36.1 

CSCIO 4 

232.367 

41.9’^ 


Table 21. — ^The Molar Entropies of the Carbonates M2CO3 at 25°C. 


Compound 

1 

Molar 

weight 

Entropy 

Compound 

] 

Molar 

weight 

Entropy 

LhCOz 

NasCOa 

73.89 

106.004 

21.603® 

32.5 

AgiCOs 

275.77 

40.0 
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Table 22. — The Molab Entropies of the Carbonates MCO^ at 25®C- 


! 

Compound * 

Molar 

weight 

Entropy i 

1 

1 * 1 

[ Compound ‘ 

! ! 

Molar 1 
weight 

Entropy 

MgCOs 

84.33 

15.7 ! 

! ! 
1 ZnCOa 1 

125.39 

19.7 

CrCOsCC) 

100.09 

22.2 

: SrCOs s 

147 64 

23.2 

CaCOsCA) 

100.09 I 

! 21.2 

[ CdCOs : 

172 42 

25.2 

FeCOs 

115 86 

1 22.2 

j BaCOa 

197 37 

26.8 

CuCOs 

^ 123.58 i 

1 i 

! 17.7 

1 : 

j PbC03 1 

267 22 

I 

31.3 


Table 23. — The Molar Entropies of the Sulphates M 2 SO 4 at 25°C. 


Compound 

Molar 

weight 

Entropy ; 

i 

Compound 

Molar 

weight 

Entropy 

Li2S04 

109.94 

1 

35.3 

K 2 SO 4 

174.252 

44.8 

Na 2 S 04 

142.054 

35.7337 

1 Ag2S04 

311.82 

47.8 

iSa2SO4T0H2O 

322.214 

140.526 

1 

Hg2S04 

497.28 

47.9 


Table 24. — The Molar Entropies of the Sulphates MSO 4 at 25® C. 


Compound 

Molar 

weight 

! 

Entropy 

Compound 

Molar 

weight 

Entropy 

CaS 04 (ins.) 

136.14 

25.58<^ 

ZnS 04 

^ 161 44 


CaS 04 * 2 H 20 

172.172 

46.4 

BaS04 

233.42 


CUSO 4 

159.63 

25.3 

: PbS04 

1 

303.27 


Table 25. — 

The Molar Entropies of the Sulphides M 2 S at 25°C. 

Compound 

Molar 

weight 

Entropy 

Compound 

Molar 

weight 

Entropy 

CU 2 S 

159.20 

28.9 . 

Ag2S 

247.82 

35.0 

Table 26.— 

-The Molar Entropies of the Sulphides MS at 25°C. 

Compound 

Molar 

weight 

Entropy 

Compound 

Molar 

weight 

Entropy 

CaS 

72.14 

13.5 

ZnS 

97.44 

13.8 

MnS 

86.99 

18.7 

CdS 

144.47 

(17.0) 

FeS 

87.91 

16.1 

HgS 

232.67 

(19.8) 

CuS 

95.63 

15.9 

PbS 

239.27 

21.8 
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Table 27. — The Molar Entropies op the Sulphides MS 2 at 25°C. 


Compound 

Molar 

weight 

Entropy 

: 

j Compound 

.. . 

Molar 

weight 

Entropy 

FeS2 

119.97 

12.738 

1 MoS. 

160.07 

15.038 

Table 28.^ 

-The Molar Entropies of Some Hydroxides 

AT 25°C. 

Compound 

Molar 

weight 

Entropy 

j Compound 

Molar 

weight 

Entropy 

LiOH 

NaOH 

23.948 

40.005 

12.8 

13.8 

Mg(OH)2 

Ca(OH)- 

Cd(OH)2 

58.336 

74.096 

146.426 

15.0931 

17.426 

21.2 

Table 29. — The Molar Entropies of the Phosphates M3(P04)2 at 25®C. 

Compound 

Molar 

weight 

Entropy 

Compound 

Molar 

weight 

Entropy 

Cas(P04)2O! 

CasCPOi):!^ 

310.20 

310.20* 

57.639 

56.439 

Pb3fP04)2 

811.59 

84.453^ 

Table 30. — The Molar Entropies op Some Silicates at 25°C. 

Compound 

Molar 

weight 

Entropy 

Compound 

Molar 

weight 

Entropy 

Be2Si04 

Na2Si03 

110.10 

122.054 

15.439 

27 . 2^9 

Na£Si205 

•Na4Si04 

182.114 

184.048 

39.4^0 

46. 8« 

Table 31. — The Molar Entropies 

OP the Nitrates MNO 3 at 25®C. 

Compound 

Molar 

weight 

Entropy 

Compound 

Molar 

weight 

Entropy 

NaNOs 

KNOs 

85.005 

101.104 


AgNOs 

TlNOs 

169.888 

266.398 

33.68« 

38.4 
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Table 32. — The Molar Entropies of Some Miscellaneous Compounds 

AT 25'C. 


Compound 

Molar 
weight ^ 

Entropy 

' 

Compound 

Molar 

weight 

Entropy 

Ba(Br 03 ) 2 *H 20 

411.208' 

69.0 ’ 

MnSe 

133.89 

21.7^« 

Ba(Br02)2 

393 192! 

(59.0) 

MnTe 

182 54 

22. 4« 

NaHCOa 

84.015, 

24.4 

Ba(X03)2 

261.376 

51.1 

Sm5(S04),-8Hs0 

733.168: 

161.0 

PCU 

208.265 

40.8^^ 

Sm2(S04)3 

589.04 I 

(81.0) : 

IBr 

206.836 

33.2 

AgN02 

153.888 

30.62«iia, 

233.291: 

41.1 

Ag2Cr04 

331.77 } 

ol.82«:PH4l 

161.932 

32.1 

AgC102 

175.337: 

32.2^^ 

NH.Cl 

53.497 

31.8 

CaCjOi'H.O 

146. lie! 

37.3 

TaC 

192.89 

10.133 

CaC204 

128.1 I 

(27.3) 

KaPtQs 

1 486 164 

79 . 78^8 

CaHa 

42.096; 

9.9 

(CH,)iNI 

201.064 

49.7^8 

LiH 

7.948| 

6.0 

U02(X03)2*6H20 

502 182 

120.85^8 

KMnO* 

158.026^ 

41.04« 

UOj(XOs)2 

394.08 

(60.9) 


4. The Entropies of Gaseous Compounds. — Examination of 
the data on the entropies of gases at 25°C. discloses a somewhat 
similar correlation to the one described in Sec. 3 for solids. In 
this case, however, it is found that plots of the logarithm of the 
entropy vs. the logarithm of the molecular weight for molecules 
possessing the same number of atoms yields straight lines. 
Expressed algebraically, 

log >S 298 ~ ^ log M “b log B (8.7) 

or 

^298 = BM^, ( 8 . 8 ) 

where the constants A and B are primarily determined by the 
number of atoms in the molecule. Entropy-molecular weight 
plots for molecules containing from 2 to 9 atoms are given in Figs. 
11 and 12. 

The data on which these correlations are based are given in the 
following tables. As in the case of solids, the entropies are 
taken mainly from Kelley^s two compilations, plus the literature 
since 1936. The extension of this type of empirical estimation 
procedure to long-chain hydrocarbon molecules and gaseous 
aromatic molecules would probably require some modification 
in order to allow for the effects of branching and the number of 
rings in the molecule. 
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As is to be expected of correlations which have no foundation 
in theory, a number of glaring exceptions to the rule exist. For 
example, in the diatomic classification the entropies of Xa 2 , K 2 , 
Li 2 , and the hydrohalogen molecules deviate by about six or seven 
units from the curve determined by 22 other diatomic molecules. 
However since these other molecules range in molecular weight 
from 2 (H 2 ) to 418(Bi2) and deviate from the curve by less than 
two units, the usefulness of the cur\"e is not seriously impaired. 
Furthermore, the location of the curve for heptatomic molecules 
is at present uncertain because the two spherical molecules 
SFe and TeFg have abnormally low entropies for the correspond- 

Table 33. — The Molar Entropies of Some Diatomic Gases at 25®C. 


Compound 

Molar * 
weight 

! 

Entropy 

1 

i ; 

1 Compound 

Molar ' 
weight 

! 

Entropy 

Ho 

2.016 

! 31.23 ' 

i * 

So 

1 1 

64.12 

1 54.41 

Ds 

4.029 

1 34.62 ' 

Clo 

70.914 

53.32-0 

LU 

13.88 

47.01 j 

K, 

1 78.192 : 

59.5 

OH 

17.008 

43.9 

HBr 

1 80.924 i 

47.48 

c. 

24.02 

47.9 

Cu2 

127.14 

58. 9'^! 

CO 

28.01 1 

47.32 

HI 

127.928 

49.40 

N 2 

28.016 

45.79 

Bra 

159.832 

58.63 

NO 

30.008 ! 

50.34 

ICl 

162 377 

59.15 

O 2 

32 

49.03 

IBr 

206 836 

62.0 

HCl 

36.465 

44.66 

Sbo 

243-52 

60.9 

F 2 

38 

48 . 6^3 

I 2 

253 84 

62.29 

Na2 

45.994 

54.9 

Te2 

255.22 

64.5 

SO 

48.06 

53.1 

Bis 

418.00 

65.4 

P 2 

61.96 

i 

52.0 





Table 34. — -The Molar Entropies of Some Triatomic Gases at 25°C. 


Compound 

Molar 

w^eight 

1 1 

Entropy 

Compound 

Molar 

weight 

Entropy 

H 2 O 

18.016 

45.13*1 

F 2 O 

54 

59.0 

DaO 

20.029 

47.38^0 

COS 

60,07 

55.27** 

HCN 

27.026 

47.92*2 

SO 2 

64.06 

59.24*7 

HiS 

34.076 

49.15** 

ClOa 

67.457 

59.62* 

CO 2 

44.01 

51.07** 

cs. 

76.13 

57.1** 

N 2 O 

44.016 

52.58 

ChO 

86.914 

63,726.59 

NO 2 

46.008 

57.47** 

NOBr 

109.924 

65.2 

O 3 


57.1 










188 


PRINCIPLES 


[Chap. VIII 


ing molecular weights; consequently, the position of the curve 
was determined by the two molecules N 2 O 5 and CH 3 NH 2 . The 
value for N2O5 is not considered too reliable by Kelley. 


Table 35.— The Molar Entropies of Some Tetratomic Gases at 25°C. 


Compound 

Molar 

weight 

Entropy 

Compound 

Molar 

weight 

Entropy 

NHs 

17 032 

45 

BF 3 

67.82 

61 . 17®® 



46.034®^ 

PFs 

87.98 

64.2 

C 2 H 2 I 

26 036 

48.029®2 

COCh 

98.924 i 

67.24®® 

HCHO 

30 026 

52.42®3 

AsCU 

181.281 

78.2 

PHs 1 

34 004 

50.35®^ 

PBrs 

270.728 1 

83.4 

C 2 N 2 

i 

52 036 

57.64«5 





T-Able 36- — The Molar Entropies of Some Pentatomic Gases at 25°C. 


Compound 

Molar 

weight 

Entropy 

:! i 

Compound 

Molar 

weight 

Entropy 

CH 4 

16.042 

44.5 

CHCI 3 

119.389 

70. 82®® 

SiH4 

32,092 

48.72® 

CCI 4 

153.838 

74.05®® 

CHaCl 

50.491 

55.94®^ 

SiCh 

169.888 

79.2 

CH 2 CI 2 

84.94 

64.68®® 

CHsBra 

173.858 

'70.84®® 

CF 4 

88.01 

62.43®® 

CHBrs 

252.766 i 

79.14®® 

CHaBr 

94.95 

58.61®® 

CBr4 

331.674 

1 

85.59®® 


Table 37. — ^The Molar Entropies of Some Hexatomic Gases at 25°C. 


Compound 

Molar 

weight 

Entropy 

Compound 

1 

Molar 
weight ^ 

Entropy 

C 2 H 4 

CHsOH 

28.052 

32.042 

52. 48^® 
56.63^1 

N 2 O 4 

S 6 

92.016 

192.36 

72.73“ 

92.2 


Although the methods described in Secs. 3 and 4 for estimating 
entropies are highly empirical and, therefore, limited in scope 
and accuracy, the bulk of the available data for solids and gases 
indicates that the uncertainty in the estimation of unknown 
entropies should not exceed three or four units. For most 
technical purposes this affords sufficient accuracy for arriving 
at a preliminary picture of the range of temperatures, concentra- 
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tions, and pressures under which a given reaction can be made to 
take place. Although such a picture is based on rough thermo- 
dynamic data, it is better than no picture at all since, if the mass- 


Table 38. — The Molar Entropies of Some Heptatomic Gases at 25°C. 


Compound 

Molar 

weight 

Entropy 

Compound 

. 

Molar 

weight 

Entropy 

CH 3 NH 2 

N 2 O 5 

31.058 

108.016 

57.73^8 

81.8 

SFs 

TeFs 

146.06 

241.61 

69.4388 

80.8 

Table 39. — The Molar Entropies of Some Octatomic Gases at 25°C. 

Compound 

Molar 

weight 

Entropy 

Compound 

Molar 

weight 

Entropy 

B 2 H 6 

C,H. 

27.688 

30.068 

55.3” 

54.85” 

CHaOOC-H 

Ss 

60 052 
256.48 

66.81 

109.2 

Table 40. — The Molar Entropies of Some Non atomic Gases at 25°C. 

Compound 

Molar 

weight 

Entropy 

Compound 

Molar 

weight 

Entropy 

C 3 H 6 

C 2 H 5 OH 

42.078 

46.068 

62.9"^ 

66.9 

Ni(CO)4 

170.73 

97.0^8 

Table 41. — The Molar Entropies of Some Dekatomic Gases at 25®C. 

Compound 

Molar 

weight 

Entropy 

. 

Compound 

Molar 

weight 

Entropy 

(CH 3 ) 2 NH 

45.084 

65.24^8 

(CH 3 ) 2 C 0 

58.078 

70.11 


action computations are correctly performed, quantitative 
relations between the different variables are obtained which are 
bound to be informative and useful in spite of temperature 
uncertainties. Since the rate at which reactions can be made 
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to take place is in many cases more important economically 
than the extent of the reaction, the information furnished by 
thermodynamic studies is less important than the laboratory 
rate and catalyst development studies; therefore, the preliminary 
thermodynamic analysis should be completed as rapidly as 
possible. 

5. The Heat Capacities of Gaseous Organic Compounds* — 

Owing to the preponderance of carbon-hydrogen bonds in the 
simpler types of organic compounds, it is often possible to com- 
pute the heat capacities of gaseous compounds by assigning 
definite fundamental vibration frequencies to each bond. Values 
computed in this manner possess adequate accuracy for most 
technical calculations. 

a. Hydrocarbons. — Pitzer^^ has proposed the following rules 
for assigning vibration frequencies to gaseous hydrocarbons : 

(1) Hydrogen vibrations: 

Class A. Stretching of C — H bond distances, one frequency 
of 3,000 cm.“^ per H atom. 

Class B. Deformation of H — C — H bond angles. Three 
frequencies of 1,440 cm.“^ per methyl group and one per 
methylene group. 

Class C, Deformation of H — C — C bond angles. Two 
frequencies of 950 cm.~^ per methyl group, three per 
H H H 

— — group, two per =C group, and two per — C — group. 

I I ■' 1 

H H 

(2) Carbon skeleton vibrations : 

Class A. Stretching of C — C bonds, a frequency of 1,000 
cm.”^ per bond; and for C=C bonds, a frequency of 1,600 
cm."^ per bond. 

Class B. A bending frequency of 380 cm.“^ associated with 
each C — C bond. 

(3) Double-bond torsional vibrations: 

Class A, A frequency of 570 cm.”^ per double bond where 
heavy group is attached to one end of bond. 

Class B, A frequency of 270 cm.~*^ per double bond when light 
(methylene) groups attached at both ends. 
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The molar-heat capacity is then computed from the relation 

3n-6 

Cp = 7.95 + 2 ) REix,), (8.9) 

where BE(xi) is the Einstein contribution of the fth fundamental 
to the vibrational heat capacity. 

b. Carbon- hydrogen-oxygen compounds . — Bennewitz and Ress- 
ner'^® have proposed the following rules for assigning vibrational 
frequencies in the estimation of heat capacities of compounds 
of this type: 


Bond 

Valence (j^) 
frequency, 
cm."^ 

i Deformation (5) 
frequency, 

' cm.~^ 

C — C 

990 

1 

390 

C — 0 (alcohol) 

1031 

1 205 

c=c 1 

! 1620 

845 

C=0 (ketone) 

1700 

1 390 

C — H (aliphatic) 

2920 

j 1320 

C — H (aromatic) 

3050 

1 1320 

O— H 

3419 

j 1150 


The method of applying these data to the actual estimation of 
heat capacities is illustrated by the following problem. 

6. Estimation of the Heat Capacity of Gaseous Ethanol. 
Illustration 1. — Using the foregoing assignment rules of Ben- 
newitz and Rossner, compute: 

a. The vibrational heat capacity of gaseous ethyl alcohol at 
300°, 500°, 700°, and 900°K., associated with the valence vibra- 
tions {Cv) and with the deformation frequencies (C5). 

h. The total heat capacity at constant pressure at these 
temperatures. 

Solution. — a. Examination of the structural formula for 
H H 

I I 

ethyl alcohol H — C — C — OH shows that there is a total of 

1 1 

H H 

3 X 9 — 6 = 21 fundamentals, of which there are 9 — 1 = 8 of 
the so-called valence frequencies; consequently there are 13 
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deformation frecjuencies. According to Bennewitz and Rossner’s 
rules, the frequency assignment is as follows: 


Bond 


S, cm.“^ 

C— H (5) 

2920 

1320 

C— C (1) 

990 

390 

C-0 (1) 

1031 

205 

0— H (1) 

3419 

1 

1150 


Numbers in parentheses represent degeneracies. On the basis 
of the above assignments, only 8 of the total of 13 deformation 
fundamentals are accounted for. Bennewitz and Rossner take 
care of this situation by assuming that the average contribution 
from the remaining five frequencies is the same as the average 
of the eight assigned frequencies; consequently the total defor- 
mation heat capacity” is obtained by multiplying the value 
computed for the eight by Values of Se and Oe/T corre- 

sponding to the above frequencies are recorded below. The 
corresponding heat capacities are obtained from Table E-1, 
xA-ppendix 2. 


Table 42. — The Vibrational Heat Capacity of C2H50H(c) 


£0, cra.""^ 

9 

300°K. 

500°K. 

700°K. 

900°K. 

e/T 

c. 

e/T 

Ci 

e/T 

Ci 

e/T , 

c. 

' 2,920(5) 

4,184 

13.947 

0.002 

8.368 

0.162 

5.977 

0.907 

4.649 

2 095 

990 

1,419 

4.730 

0.399 

2.838 

1.057 

2.027 

1.426 

1.577 

1.622 

1,031 

1,477 

4.923 

0.356 

2.954 

1.006 

2.110 

1.389 

1.641 

1.595 

' 3,419 

4,899 

16.330 

0.0 

9.798 

0.010 

6.999 

0.089 

5.443 

0.257 

C, 



0.757 


2.235 


3.811 


- 5.569 

1,320(5) 

1,892 

6.307 

0.723 

3.784 

3.387 

2.703 

5.588 

2.102 

6.962 

390 

559 

1.863 

l."500 

1.118 

1.792 

0.799 

1.885 

0.621 

1 1.924 

205 

294 

0.980 

1.835 

0.588 

1.930 

0.420 

1.958 

0.327 

1.969 

1A50 

1,648 

5.493 

0.249 

3.296 

0.862 

2.354 

1.277 

1;831 

1.514 

Cs 



4.307 


1 7.971 


10.708 


12.369 




7.00 


12.95 


17.40 


20.10 

Cvib. 



7.76 


15.19 


21.21 


25.67 
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h. The total molar-heat capacity at constant pressure is 
obtained by adding the above vibrational heat capacities to the 
equipartition value (7.95) for translation plus rotation, thus 


Temperature, 300 500 700 '900 

Cp 15.71 23.14 29:i6. '' 33 62 


In computing the heat capacity of ethyl alcohol by this method, 
the uncertain and difficult question of computing the heat 
capacity associated with internal rotational degrees of freedom 
is avoided by treating all internal degrees of freedom as vibra- 
tional degrees of freedom. Justification for this procedure is 
found in the simplicity of the method and the fact that the 
results are quite accurate. For example, Bennewitz and Rossner 
give 19.6 cal. /(mole) (deg.) for the experimental heat capacity 
of C2H5OH at 410°K., whereas the value obtained from a plot of 
the above data is 20.0 cal. /(mole) (deg.) at this temperature. 

7. Other Rules for Heat Capacities. — Parks and Huffman^ 
propose the following equation for the heat capacities of the 
gaseous paraffins: 

Cp = 4.0 -h 1.3n + 0.012nr, (8.10) 

where n is the number of carbon atoms in the molecule. This 
relation is a good approximation for n ^ 3. 

Edmister^^ proposes the equation 

= 2,56 + 0.51n + (0.0013^2 -f- 0.004471 - 0.00065mn 

+ 0.00495771 - 0.0057)r (8.11) 

for gaseous hydrocarbons, where n ^ 3, and m is the number of 
H atoms in the molecule. 
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CHAPTER IX 


ANALYTICAL APPLICATIONS 

Thermodynamic considerations may be of assistance in 
predicting the completeness of a given reaction for analytical 
purposes. If the reaction of potential analytical interest is of 
the gra^dmetric type, the problem may depend on the estimation 
of the solubility of one or more of the components; if of the 
volumetric type, an estimate of the degree of completeness of a 
given oxidation-reduction reaction is apt to be required. Fur- 
thermore, potentiometric methods are becoming of increasing 
importance in the performance of individual analyses and as a 
basis for continuous control procedures. The subject matter of 
this chapter may be conveniently divided into the following 
three topics: 

a. Estimation of solubilities. 

b. Oxidation-reduction reactions. 

c. Potentiometric methods. 

Obviously, the last item embraces the first two topics. 

1. Estimation of Solubilities. — The application of thermo- 
chemical data to the estimation of solubilities in ideal solutions, 
in regular solutions, and electrolytes in aqueous solutions, is 
demonstrated by the following three problems. According to 
Hildebrand, a regular solution is one consisting of nonpolar 
components which do not associate or form compounds in solu- 
tion, whereas ideal solutions are characterized by the conformance 
of each component to Raoult’s law. Regular solutions are 
believed to differ from ideal solutions because the internal pres- 
sures of the components differ from each other, and consequently 
a quantitative measure of this difference is also a measure of the 
deviation from Raoult’s law^ and ideal behavior. 

2. Estimation of Solubilities in Ideal Solutions. Illustration 1. 
— The molar heat of fusion of p-dibrombenzene equals 4,660 caL, 
and its melting point is 89.3°C. 

Calculate the solubility of* p-dibrombenzene in CS 2 at 25®C. 
on the assumption that an ideal solution is formed. 
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Solution— AQGOidmg to Eq. 5.69, the following relation 
expresses the temperature dependence of the equilibrium between 
a pure component and its solution at constant pressure: 

d In 72iV'2 _ AH 2 /Q i\ 

dT Rr-' ^ ^ 


where AH 2 is the heat of fusion of component 2, and the activity 
coeflScient 72 is unity for an ideal solution; hence 


, N2' _ AH2 f 1 l\ 

m 4.575 Vt" t'J 


(9.2) 


At the melting point the mole fraction ^2=1, 


Therefore 


log N^' 


1,019 (r - 362.4\ 
T’ \ 362.4 / 


T = 362.4°K. 


At 298.1° 

log Ni' 


1,019 /298.1 - 362.4\ 
298.1 V 362.4 / 


-0.607. 


Therefore 


Ni' = 0.247. 


The observed mole fraction of p-dibrombenzene in CS2 at 25°C. is 
0.224; therefore this solution is almost an ideal one. 

3. Estimation, of Solubilities in Regular Solutions. Illus- 
tration 2. — The internal pressures of CS2 and iodine in the liquid 
state are known to be sufficiently different so that the solution 
of the two cannot be ideal. Since both molecules are nonpolar 
and nonelectrolytes, Hildebrand’s treatment for regular solutions 
may be employed. 

Compute the solubility of iodine in CS2 at 25°C. 

Solution. — The following equation is capable of trial-and-error 
solution when the indicated data on molar volumes and energies 
of vaporization are available: 

RT In - ..n- [{^J - »-3) 

where N 2 ' is the ideal solubility [Eq. (9.2)], and N 2 is the actual 
solubility. The AE’s represent the energies of vaporization 
of the liquid components at the temperature T, and the are the 
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corresponding molar volumes. Vi is the volume fraction of the 
solvent and is defined by the equation 

Y, = - . (Q 4 \ 

' NiVi + .V2l’2 ” (1 - + A^2f2 ^ ^ ^ 

Hildebrand uses the value V 2 == 59.0 cc. for I 2 at 25°C., and the 
corresponding quantity for CS 2 equals 76.13/1.26 = 60.4 cc. 
Kelley- gives 11,493 cal. for the AH of vaporization of liquid I 2 
at 25°C. and 6,682 cal. for liquid CS 2 . The corresponding AE’s 
are obtained by deducting RT from these values, giving 10,900 
and 6,090 cal., respectively. 

The ideal solubility of I 2 in CS 2 may be computed using 
Hildebrand and Frederick's^ value of 3,740 cal. for the heat of 
fusion of I 2 at the melting point and Eq. (9.2). An average 
value of 3,610 cal. is estimated for AH between 25 and 113°C. 


log N 2 ' 

Therefore 


3,610 /298.1 ~ 386.l\ 
1,364 \ 386.1 J 


-0.602. 


N 2 ' = 0.250. 


Substituting these data in Eq. (9.3) gives 


- log Nz = 0.547 


(1 - N2)Vi 

(1 — N 2 )lh + N 2 V 2 . 


+ 0.602, 


But, since Vi ^ vz, 


- log Nz = 0.547(1 - N 2 Y + 0.602. 


Solving this equation gives Nz = 0.088 for the mole fraction of 
I 2 in solution in CS 2 at 25°C. The experimental solubility is 
0.0576, whereas the value predicted on the assumption of perfect 
solution is 0.25. 

4. Calculation of the Solubility of Electrolytes in Water. Illus^ 
tration 3. — From the entropies of Ag+ and CO 3", given in Table 1, 
Appendix 5, and the heats of formation of these ions, given in 
Bichowsky and Rossini, compute the solubility of Ag 2 C 03 in 
water at 25®C. 

Solution , — In accordance with the principles discussed in 
Chap. V, Sec. 8, the difference between the free energy of 1 mole 
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of Ag 2 C 03 in the hypothetical state of unit activity in solution 
and the pure solid is 

AF°(„„ - AF“(e) = RT In 

where a is the activity of Ag 2 C 03 in its saturated solution. If m 
represents the solubility of Ag 2 C 03 in moles per 1,000 g. H 2 O, 
and y is the mean ion activity coefficient, then 

a = {2myy{ym) = 47 'W. 

Therefore 

AF^^iaq) — = —1,364 log 47^m^ 

The entropies of Ag“^ and CO 3 " are 17.54 and —13.0 units, and 
the corresponding heats of formation are 25,200 cal. and — 160,500 
cal.; therefore 

AF\aq) = 2(25,200) - 160,500 - 298.1 [2(17.54) - 13.0 

- (95.31)], 

where the last term in the parentheses represents the entropies 
of the elements; hence AF^^aq) = —88,270 cal. 

This value represents the free energy of formation of 1 mole of 
Ag 2 C 03 in aqueous solution at unity activity from the elements 
in the standard states. 

The free energy of Ag 2 C 03 (c), as computed from the entropy 
18298. 1 = 40.0 (Table 21 , Chap. VIII) and the heat of formation 
— 119,900 cal., is 

AF\c) = -119,900 - 298.1(40 - 95.31) = -103,410 cal. 
Therefore 

-88,270 + 103,410 - -1,364 log Ay^mK 

As a first approximation, it may be assumed that the solubility 
is so low that 7 = 1 . Solving this equation for 4m® yields 

4m® = 7.94 X lO-^^ 
or 

m = 1.26 X 10”! 

Referring to Fig. 19, Appendix 4, it will be noted that no activity 
coefficients are given for Ag 2 C 03 . However, in this dilute 
region the data for K 2 CO 3 should be applicable; hence a value of 
95 per cent is estimated for the mean ion activity coefficient of 
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Ag2C03. The solubility is then 1.32 X 10“^ mole per kilogram 
H2O. 

The solubility as computed above implies the complete 
absence of any CO2 pressure over the saturated solution, since 
the solubilities of carbonates increase markedly in the presence 
of dissolved CJO2. 

5. Oxidation -reduction Reactions. — The possibility of using a 
given oxidation-reduction reaction as a primary analytical reaction 
or as a secondary reaction may be evaluated in a preliminary 
way, with the help of standard free energies of formation or the 
values for standard oxidation-reduction potentials compiled by 
Latimer.^ It is important to recall that tabulated values for 
electromotive forces refer to all substances in the hypothetical 
state of unit activity and fugacity, and that the sign of an 
electromotive force may be reversed by concentration changes. 
For this reason it is advisable to first set up an equation for the 
net electromotive force of a given oxidation-reduction reaction 
in terms of the standard potential and the concentrations of the 
substances involved. If the net electromotive forces — obtained 
by substituting estimated values for concentrations and activity 
coefficients at the beginning and end of the analysis — are positive, 
the reaction is at least thermodynamically possible within the 
range of concentrations visualized. 

In spite of the fact that the electromotive force of a reaction is, 
positive, the actual rate of the reaction at ordinary temperatures 
and concentrations in the absence of specific catalysts may be so 
small as to render the reaction useless for analytical purposes 
For example, the oxidation of Fe++ to Fe"^ by means of per- 
chloric acid, in accordance with the equation 

8Fe++ + ClOr + 8H+ - 8Fe+++ + 01“ + 4H2O, (9.5) 
may be regarded as the sum of the two half-cell reactions 

8Fe++ = 8Fe+++ + 8e-~ Ei° = -0.771, 

CIO4- + 8H+ + 8e- = Cl- + 4H2O = 1.340, 

where the standard potentials have been taken from Latimer’s 
compilation. Thus the standard potential corresponding to 
reaction (9.5) is +0.569 volt at 25°C., and the reaction should 
take place from left to right at unit concentrations. 
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Actually, perchloric acid docs not oxidize ferrous ion rapidly 
at concentrations around one molal. However, from the 
equation 


E = 0.569 - 


0.059 

8 


(H20)^(Cl-)(Fe+++)8 

(C104-)(H+)®(Fe++)*' 


(9.6) 


it can be seen that E will increase rapidly with increasing HCIO4 
concentration; as a matter of fact, from the equilibrium stand- 
point — as well as the rate standpoint — this reaction is veiy favor- 
able in concentrated solutions. 

6. Potentiometric Methods. — In the foregoing brief discussion 
of oxidation-reduction reactions, no mention has been made of 
the method employed for detecting the end point of the reaction. 
Since the potential of a given oxidation-reduction reaction is a 
definite function of the concentrations of the reduced and oxidized 
components of the system [Eq. (9.6)], it is only necessary to 
measure the electromotive force of a cell in which the reaction 
can be made to take place in order to follow the approach of the 
reaction to the end point, with the addition of titrating reagent. 

Furthermore, a number of electrodes are known which are 
composed of slightly soluble compounds and are reversible with 
respect to the negative ion of the compound. The use of such an 
electrode in conjunction mth a reference electrode furnishes a 
convenient means for detecting the end point of titrations 
involving the precipitation of the electrode compound. The 
principles involved in the potentiometric titration of precipitation 
reactions are illustrated by the following problem. 

7. Potentiometric Titration of Halogen. Illustration 4. — a. 
Devise a cell for the determination of halogen by titration with 
standard silver nitrate solution. 6. Show arithmetically how 
the electromotive force of this ceU will vary in the neighborhood 
of the end point. 

Solution, — a. The following cell may be used to indicate the 
change in chloride ion concentration of the unknown solution, 
as the standard silver nitrate solution is added: 

Ag; AgCl, NaCl(x).: (saturated) KCl, KCl(0.1A^)HgCl; Hg. 

6. The electromotive force of this cell is given by the expression 

^ In ^ - ^(o.u). (9.7) 
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At 25®C. this becomes 

E = -0.2222 + 0.059 log (Cl“) + + 0.3354. 

Since the liquid junction potential Ea^ is small and approximately 
constant during the titration, and the change of E with extent of 
reaction is required, this term may be neglected. Therefore 

E = 0.1132 + 0.059 log (C1-). (9.8) 

If the titration cell originally contained uq moles of NaCl in Fo 
liters of solution, then 

F = Fo + on, 

where n equals the total moles AgXOs added at any stage of the 
titration, and F is the total liters of solution phase. Since dilute 
solutions are usually employed in volumetric analysis, it will be 
satisfactory to substitute concentrations in moles per liter for 
activities. The constant c equals the reciprocal of the normality 
of the AgNOs solution. Then, total moles 

Cl“ = no = (C1“)F + moles precipitated, 

and total moles Ag"^ = 71 = moles Ag"^ in solution plus moles 
precipitated. Subtracting these two equations gives 

- n = (C1-)(F) - (Ag+)F, 

where Ag"^ equals the concentration of silver ion in solution. 
But 

K = (Ag+)(C1-), (9.9) 

where K equals the solubility product for AgCl at 25°C. Con- 
sequently 

(Cl-)2 - ^ (C1-) - K = 0. 

Therefore 

(C1-) = I ± I (9.10) 

Substituting this value for (Cl'") in Eq. (9.8) gives 

E . 0.1132 + 0.059 log [i 
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Substituting x = nfrin = fractional degree of completeness of 
reaction at any stage of the titration, in Eq. (9.11), yields 

E - 0.1132 + 0.059 log 

± I ( vV - — Y + 

2 \ \Vo + cnoxj 

If rio - 2 X 10-3 mole NaCl, Vo = 0.020L, K = 1.7 X 10"^^ 
and c = 10 for O.IA^ AgNOs; then Eq. (9.12) may be used to 
compute the change in E near the end point. 


100:c, per cent 
completeness 

! 

E 

1 AE 

A(lOOx) 

95 0 

-0.0398 


97.0 

-0.0528 

0.0065 

98.0 

-0.0636 

0.0108 

99.0 

-0.0816 

0.0180 

99.5 

-0.0998 

0.0364 

99 99 

-0.1698 

0 143 


Examination of the above figures shows that, on titrating from 
95 to 97 per cent completion, the change in electromotive force 
per 1 per cent increase is only 6.5 millivolts; in going from 97 to 
98 per cent, the change is 11 millivolts per 1 per cent; from 98 to 
99, the change is 18 millivolts; and on going from 99 to 99.5 per 
cent completion, the change in electromotive force is 36 millivolts 
per 1 per cent increase in completion of the titration. Thus the 
sharp rate of change of the electromotive force of this cell, 
accompanying the addition of AgNO.^, in the neighborhood of the 
end point provides an accurate means for detecting the end point 
of the reaction. 

8. Potentiometric.Acidimetry. — ^An apparatus and procedure 
similar to that described in illustration 4 may be used to detect 
the end point of acid-base titrations. In this case the titration 
cell might consist of the following arrangement of electrodes : 

(POH 2 ; unknown solution: (saturated) KCl, KCl(0.1A')HgCl; 

Hg. (9.13) 

The electromotive force of this cell is given by the equation 

■p _ ET I (H"*") . p p 
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If Ph 2 = 1 atm., this equation becomes 

„ 2MZRT . /TT X , r. /At.N 

E = — log (H"^) + E(^i) — JJ(o.ic)* (9.14) 

Owing to the uncertain value of E^) vuth the nature of the 
unknown solution, it is customary to lump En) '^ith the potential 
of the reference half cell; consequently 

^ = - log (H-) + En. (9.15) 

It may be shown by computations similar to the above that, 
except for the titration of very weak acids with very weak bases, 
the electromotive force of this cell varies sharply with (H”^) in 
the neighborhood of the end point, and hence provides an 
accurate means for detecting the end point of acid-base titrations. 

Equation (9.15) may also be employed to evaluate the pH 
of a solution- According to the modern technique of measure- 
ments, the pH of a solution is defined in terms of the electro- 
motive force of the cell employed to measure the pH of the 
solution. Thus, rewriting Eq. (9.15) gives 

^ J.H + & 

or 

-rr = ^ 

^ 2.S0dRT 
F 

In this equation E is the observed electromotive force of the cell 
(9.13); and Eb is a constant for the O.liV calomel electrode plus 
salt bridge, which may be evaluated from electromotive-force 
measurements on acetic acid-sodium acetate buffers. The 
evaluation of the constant Er is carried out so that values of pH 
computed from Eq. (9.17) have very nearly the significance 

pH = — log Ch+ 7 +, (9.18) 

where Ch+ represents the stoichiometric concentration of H"^, and 
7 + is the mean ion activity coefficient. 

The method for evaluating Er is described in detail by Mac- 
Innes.^ When the OAN calomel electrode is used as a reference 
electrode in conjunction with the hydrogen electrode, Er equals 
0.3358 volt at 25°C. and is constant within 0.1 per cent in the 
range 15 to 38®C. When the quinhydrone electrode is used in 


( 9 . 16 ) 

( 9 . 17 ) 
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conjunction with the O.liV’ calomel electrode, Er is —0.3636 volt 
at 25°C. and varies appreciably with temperature. 

The use of thermochemical data in the development of con- 
tinuous controls for plant operations, in which a continuous 
record of acidity is required, is illustrated by the following 
problem. 

9. Design of Continuous Acid Control. Illustration 5. — It is 
required to install a potentiometric device for continuously 
recording the acidity of a dilute solution of hydrochloric acid, 
leaving a unit in which hydrogen chloride is absorbed in water. 
The concentration of HCl in the effluent must be maintained 
between 15.5 (5m) and 16.7 (5.5m) weight per cent. The con- 
trol is to be in operation all year round, at temperatures ranging 
from 15 to 30°C.; but thermostatting of the unit is impossible. 
The choice between a chemical and concentration cell may 
therefore be based on the evaluation of the following items; 

а. Nature of electrodes required for a chemical cell, and 
electrodes required for a concentration cell. 

б. Sensitivity, f.e., millivolts change in electromotive force of 
the two types of cells within the allowable range of concentration 
fluctuations. 

c. Temperature coefficient of electromotive force of the two 

types of cells. ^ 

d. General considerations regarding ruggedness of electrodes, 
auxiliary equipment, etc., for each type of cell. 

Solution. — a. A possible chemical cell. 


(POH 2 ; HCl(a:)AgCl; Ag. 
Change of state per faraday, 

MH2 + AgCl(c) = Agcc) + HClcx). 


Therefore 




£^1 = _ in - - = E- p- m 

for Ph, = 1 atm. 


(9.19) 

(9.20) 

(9.21) 


A possible concentration cell, 

. Ag; AgCl, HC1(,, : HCl,.), AgCl; Ag. (9.22) 

Change of state per faraday, 

fe+ naoles HCl(x) = <h+ moles HCl,.), 
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where is the transference number of the hydrogen ion. 
Therefore 


E2 = — 





— 


F {my.)ui 


(9.23) 


b. The potential of the first cell may be estimated for orn and 
5.5w HCl at 25°C., by estimating y± equal 2.2 and 2.4 at 
these two concentrations from the data of Fig. 19, Appendix 4. 
Consequently 


El = 0.2222 - 2(0.059) log 5(2.2) = 0.0992 volt, 
El' = 0.2222 -- 2(0.059) log 5.5(2.4) = 0.0902 volt. 

Max. A = 0.0090 volt. 


The potential of the second cell may be estimated for these 
two acid concentrations by assuming constant at 0.76 in this 
concentration range. If the HCl concentration in the reference 
cell is 5.25m, then 

= - (2) (0.76) (0.059) log = -0.00376 volt 

Ei' = -(2) (0.76) (0.59) log = +0.00340 volt 

A = 0.00716 


Thus, the chemical cell offers some advantage in that the maxi- 
mum variation in electromotive force in the allowable concentra- 
tion range is 9 millivolts compared to 7 millivolts for the 
concentration cell. 

c. The temperature coefficients dE/dT for these two cells may 
be estimated as follows: 

Using the required entropy data from the various tables in 
the text, AS for reaction (9.20) taking place in the chemical cell is 

AS = 13.5 + 10.2 - 22.97 - 15.62 = -14.89. 


From the relation 


dT 


AS = 



^--6.45X10- volt/deg. 


Although this calculation corresponds to the temperature 
coefficient of a cell containing HCl at unit activity, this value is 
approximately correct for 5m acid. 
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The temperature coefficient of the concentration cell may be 
estimated from the relation 

dT TF ■*" T 

and the enthalpy data contained in illustration 1, Chap. III. 
Referring to Table 2, Chap. Ill, it will be noted that the relative 
partial molar-heat content of HCl in 5.5m acid is about 2,630 cal. ; 
and in 5.25m acid, it is about 2,530 cal. Hence AH for this cell 
process is approximately 2,530 — 2,630 = —100 cal./mole 
transferred, or —76 cal. for the actual amount transferred. 
Therefore 


dE 

dT 


76 0.00340 

(298.1) (23,066) 298.1 


—2.24 X 10~® volt/deg. 


It will be noticed that the concentration cell has a decided 
advantage in the absence of a thermostat, since its temperature 
coefficient is of the order of 0.02 millivolt/deg. compared with 
0.6 miUivolt/deg. for the chemical cell. 

d. The concentration cell has the additional advantages that 
two fairly rugged silver chloride electrodes may be used, whereas 
the chemical cell requires a hydrogen electrode with tank hydro- 
gen and auxiliary flow controls. Furthermore, the potential 
of this cell varies with changes in the Hj pressure, due to the 
influence of temperature on the vapor pressure of the test solu- 
tion. On the whole, the advantage appears to be with the 
concentration cell, rather than with the chenaical cell, for the 
requirements of this particular job; and in the absence of a 
thermostat the chemical cell would be quite useless. 
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CHAPTEE X 
INDUSTRIAL CHEMICALS 


The use of thermochemical data in the development of chem- 
ical processes and as a guide in plant operations is illustrated 
by the following set of problems. 

1. Barium Chloride from Barite and Calcium Chloride. Illus- 
tration 1. — The possibility of obtaining BaCla by fusing barite 
(BaS 04 ) \vith CaCk has been investigated in the laboratory* 
around 1600°P. 

Derive equations for the Ai? and AF° of the reaction 

BaS04 4" CaCl 2 = BaCla + CaS 04 

at elevated temperatures, and compute the BaS 04 conversions 
at leOO'T. for ro = 1 and ro = 2 (see page 212). 

Solution.— ■Hh.Q following thermal data are required for this 
problem: 


Com- 

pound 

<5298.1 

AH. 

formation 

Melting 
point “K. 

i 

AH, 

fusion 

! Cp (solid) 

t 

CaCls 

22 0* 

-190,600 

1055 

6100 

16 9 + 3.86 X 10-3T 

CaS04 

25 6 

I 

-340,700 

1570 

6700 

1.57 X 105 

18.52 + 21.97 X 10 

BaCh 

1 

28.6* 

-205,280 

1233 

5370 

17.0 + 3.34 X lO-^r 

BaS04 

31.5 

-349,400 

1623 

9700 

21.35 -f 14.1 X lO-sr 


* Estimated. 


The foregoing data on heats of fusion, melting points, and heat 
capacities have been taken from the compilations of Kelley, 
already cited. Entropies are taken from the tabulations of 
Sec. 3, Chap. VIII, and the entropy of CaCh has been estimated 
from its molecular weight and the graphs of Pig. 9, Chap. VIII. 

The reaction occurring in the melt is 

BaS04(t) d” CaChtu ^ BaChc?) 4“ CaS04(Z)j (10.1) 

211 
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and the equilibrium constant is 

^ (BaCl2)(CaS04) 

■" (BaS04)(CaCl2)' 


( 10 . 2 ) 


where the parentheses represent activities. In the absence of 
data on ionization or activity coefficients for this system, the 
simplest assumption of activities proportional to mole fractions 
and no ionization is valid. If the reaction mass originally 
consisted of rii moles of BaS04 plus moles of CaCb, and if lOOo: 
represents the mole per cent BaS04 converted at equilibrium, 
then the individual mole fractions at equilibrium would be 


iV^BaSOi 


N. 


CaClj 


iVsaaa 


Nc&SOi 


ni(l x) 
ni + n2 
712 — nix 
7li “b ^2 
niX 

ni + 712 

7liX 

ni + 712 


Substituting these values in 10.2 yields 


K = 


riix- __ x’^ 

(1 ~ x){n 2 -* Tiix) (1 — x){rQ — x) 


(10.3) 


where ro = initial mole ratio CaCl2 to BaS04; therefore 

^ {n + l)K ± [(ro + lYK^ - 4(A - 1) (r„Z)]H 
a: 2(A - 1) 

In order to compute K, it is necessary to evaluate AF° for 
reaction (10.1) at 1623°K., with the substances in the standard 
states indicated by that equation. For the reaction 

BaS04{c) -f” CaClii((!) = BaCl2(c) “H CaS04((!), (10.5) 

AS298.1 = 28.6 + 25.6 - 22.0 - 31.5 = 0.7 
A£f 291.1 = — 5,980 — AHits-i 
AF°298.i = -5,980 - 209 = -6,190 cal. 

ACp = -2.73 + 7.35 X lO-^T - 1.57 X lO^^-^ 

AH = -6,036 - 2.7ZT + 3.68 X lO-^r^ 

+ 1.57 X lO‘r-1. (10.6) 
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Substituting (10.6) in (5.12) gives 

^ + 3.68 X 10-. + 1=™*) if 

= 6,036 - 6.29T log T + 3.68 X 

~ 0.785 X lO^r-' + 15.9T. (10.7) 

At 1055°K., A^Z" and AF®, as computed from (10.6) and (10.7), 
are 

Ai^ioss = — 4,667 cal. 

AF°io 55 = -6,762 cal. 

But for the process 

CaCl 2 (i) = CaCl 2 (c) AiJioss = — 6,100 cal 

Hence, for the standard states in the following equation: 

BaS04(c) “f* CaCl2(z) — BaGh^c) *4" CaS04(c) (10.8) 
Ajffio 55 — —10,767 cal. 

AF°io 55 = — 6,762 cal. 

Since no data are available on the heat capacities of the liquid 
components of this system, it will be assumed that ACp is the same 
function of temperature regardless of state. Consequently, 
above 1055°K., 

AH = -12,136 - 2.73r + 3.68 X + 1.57 

X lO^T-i (10.9) 

-AF^ = 12,136 - 6.29r log T + 3.68 X lO-^T^ 

- 0.785 X lO^r-i + 10.15T. (10.10) 

At the melting point of BaCl 2 

Ai?i 233 = — 9,780 cal. 

AF°i 233 — — 6,242 cal. 

For the process 

BaCl 2 (c) — BaCl 2 (n AHi 2 zz = 5,370 cal. 

Hence for the reaction 

BaS04(c) "4* CaCl2(n = BaCl2(i) 4" CaS04(c) (lO.lly 
Ai7i233 ~ — 4,410 cal. 

AF*^i 233 — — 6,242 cal., 
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and for reaction (10.11) 

AH = -6,777 - 2.73 r + 3.68 X lO^^r^ 

+ 1.57 X lO^T-i (10.12) 

- AF° - 6,777 - 6.29r log T + 3.68 X 

- 0.785 X lO^r-' + 14.477. (10.13) 

At the melting point of CaS04 

Ai7i37o — — 1,877 cal. 

AF^57 o = -7,017 cal. 

For the process 

CaS04(c) = CaS04(i) AHi^ro = 4-6,700. 

Hence for the reaction 

BaS04(c) + CaCl2(2) = BaCUcz) + CaS04(z) (10.14) 
Ai^^i57o — 4-4,823 cal. 

AF°i 57 o — — 7,017 cal. 5 

and for reaction (10.14) 

AH = -77 - 2.737 + 3.68 X 10-372 4- 1.57 

X 1057-1 (10.15) 

- AF® = 77 - 6.297 log 7 4“ 3.68 X IO-372 

- 0.785 X 1057-1 4- 18.707. (10.16) 

At the melting point of BaS04 

AHiQtz — 4“6,290 cal. 

AF°i 623 — — 7,329 cal. 

For the process 

BaS04(2) = BaS04(c) AHi^^z — — 9,700 cal. 

Hence for the reaction 

BaS04(2) + CaCl2(Z) = BaCUcz) + CaS04(z) (10.17) 
AHu 2 z = —4,410 cal. 

AF^1623 — — 7,329 cal. 

For reaction (10.17), with all components in the liquid state as 
standard reference state, 

AH = -9,777 - 2.737 -h 3.68 X IO-372 

4- 1.57 X 1057-1 (10.18) 

-AF° = 9,777 - 6.297 log 7 + 3.68 X 

- 0.785 X 1057-1 4- 12.757. (10.19) 
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The equilibrium constant for Eq. (10.3) may now be calculated 
for any temperature where it is fairly certain that all components 
are in the liquid state. At 1144°K., 

— AF° = 7,129 cal; therefore K = 22.9. 

Substituting this value in Eq. (10.4) with ro = 1 gives x = 0.823, 
or 82.3 mole per cent of the BaS04 would be converted at 
equilibrium. 

If To = 2, then x == 0.965, or 96.5 mole per cent of the BaS04 
would be converted at equilibrium at 1144°K. 

It is interesting to note that Shreve and Toner^ report 82.9 per 
cent conversion of the BaS04 for vq = 1 and 98.2 per cent con- 
version for 7*0 = 2, at this temperature (1600°F.). Although 
AF° is favorable for this reaction at low'er temperatures, it is 
doubtful if appreciable reaction will take place at temperatures 
below those at w’hich all components are liquid, owing to the 
slow rates of reactions betw’een solid phases. Another interesting 
point about this reaction is that, since it is mildly exothermic at 
reaction temperatures, the only heat required for the process is 
that involved in heating the reactants up to appropriate tem- 
peratures. Much of this heat should be recoverable by inter- 
change with the products. 

2. Nitric Acid from Nitrogen Oxides. Illustration 2. — The 
strength of nitric acid, produced by the countercurrent absorption 
of nitrogen oxides in w^ater, is determined, to a large extent, by 
the equilibriums expressed by means of the equations 

3NO2 + H2O = 2HNO3 + NO, (10.20) 

2 XO 2 = X 2 O 4 . (10.21) 

In order to demonstrate the effect of temperature, total pres- 
sure, and gas composition on the maximum concentration of acid 
obtainable, compute: 

a. The equilibrium constants for these tw^o reactions at 25, 
35, and 45°C. 

b. The maximum concentration of HNO 3 producible at 1 atm. 
pressure from a gas containing a total mole fraction of oxides 
equal to 0.07 (70 per cent oxidized) at 25 and 45°C. 

c. The maximum concentration producible at 1 atm. and 
45°C. with an oxide mole fraction equal to 0.04 (50 per cent 
oxidized). 
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d. The maximum concentration producible at 5 atm. from a 
gas containing 7 mole per cent oxides (90 per cent oxidized) at 
45°C. 

Solution ~a. The equilibrium constants corresponding to 
reactions (10.20) and (10.21) may be computed from the entropies 
of the substances involved (Chap. VIII) and the necessary heats 
of formation. 


Compound 

*^29% 1 

AHigs 1 

Ai^®298. 1 

XO,^) 

50.35 

21,526 

20,650 


57.47 

7,964 

12,276 

XoOka) 

72,73 

2,239 

23,440 


16.75 

-68,318 

-56,690 

H20(9) 

45.13 

-57,800 

-54,636 

HNOsca^) 

35.0 

-49,190(B-R) 

-26,250 


Note: aH data for NO. NO2, and N2O4 are taken from Giauque and 
Kemp.2 


Inasmuch as activity coefl&cients of HNO3 have not been 
determined in solutions stronger than 27 weight per cent, and 
the range of acid concentrations of interest is from 30 to 60 weight 
per cent, the infinitely dilute solution does not constitute a useful 
or practical reference state for HNO3. At ordinary tempera- 
tures, vapor pressures of H2O and HNO3 over acids in this range 
of concentration are available (I.C.T., Vol. Ill), and conse- 
quently it will be assumed that the activities of H2O and HNO3 
at any concentration are measured by their respective partial 
pressures. Thus, if the standard free energies of formation of 
H2O and HNO3 in an acid of convenient reference concentration 
may be evaluated, the activities or partial molar free energies in 
any other concentration may readily be computed from the ratios 
of the partial pressures of the two components, at the two con- 
centrations in question. In order to do this, it will be necessary 
to evaluate the standard free energy and heat of formation of 
HNOs'ca) at 25^C. Lewis and Randall (L-R, p. 567) give the 
requisite datum for computing the free energy, namely, 

HNOaca,) = HNOsc.) AF"298 - 8,290. (10.22) 


217 


Sec. 2j ISDUSTRIAL CHEMICALS 


Adding this equation to the equation 

f2H2r.) + ,, = HX03 .„,,AFX,s 

= -26,250 (10.23) 

gives AF® 29 s == —17,960 cal. for HNOsj^/j. 

The heat of formation of this compound is also necessary in 
order to evaluate equilibriums at higher temperatures. Bichow- 
sky and Rossini give —41,660 cal. for the heat of formation of 
liquid HNOs at 18°C. If the heat of vaporization of liquid 
HXO 3 , 9,130 cal. — computed from the vapor-pressure data in 
illustration 4, Chap. — is added to this value, the heat of 
formation of gaseous HXO 3 is found to be —32,530 cal. at 18®C., 
or —32,560 cal. at 25°C. 

Choosing H 2 O and HXO 3 in 60 weight per cent HXO 3 as 
standard reference states at all temperatures, the free-energy 
change, corresponding to the reaction 

3X02(f;) + H2O(40 '~c) = 2HX03(60'';) + XO(j,j, (10.24) 

may then be computed from the free energies for the gaseous 
components and the relations 


H20,£f) — H20(40^) 

AF 29 S ~ 1,364 logFiiao — — 2,720 cal. 

HXOs^tfj = HXOsi^so^c) 

AF 29 S ~ 1,364 logFuNOs — — 3,820 cal. 

Hence the free energy of formation of 1 mole of HXO 3 in 
60 weight per cent HNO 3 from the elements in their standard 
states, at 25°C., is —21,780 cal.; and the free energy of formation 
of 1 mole of H 2 O in 60 per cent HNO 3 is —57,356 caL The 
difference between the partial molar free energies in the reference 
state and in any other concentration of practical interest is 


AjPh 


= FT In 


AFhso — FF In 


P% 
P 60 % 
P% 


= RT In ttHNOa 


— RT In CE-HaO* 


(10.25) 

(10.26) 


The equilibrium constant corresponding to Eq. (.10.24) is 


^ _Pno(HN03)^ 

PW(H20) ’ 


(10.27) 
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where the formulas in parentheses represent activities as defined 
by Eqs. (10.25) and (10.26). At 25°C., for reaction (10.24) 
equals —2,380 cal., and Ki equals 55.2. 

The AH of reaction (10.20), \\ith all substances in the gaseous 
state, may be expressed as function of temperature by estimating 
ACp == — 5 cal. 

Therefore 

AH = -8,196 - 5T. (10.28) 

Substituting this equation in (5.12) and integrating give 

AF° = -8,196 + 11.52T log T + 7.50T. (10.29) 

Hence 

AF® 308 .i = 2,964 and AF^sis.i = 3,349 cal. 

The free-energy change corresponding to Eq. (10.24) is then com- 
puted by adding the appropriate AF’s, accompanying the transfer 
to 60 per cent acid, based on known vapor-presvsure data. The 
AF^s for reaction (10.24) at 35 and 45°C. are, therefore, —1,686 
and —1,021 cal., respectively. 

The problem of evaluating some maximum HNOs concentra- 
tions, producible by countercurrent contacting of nitric acid with 
nitrogeii oxides, under a variety of operating conditions, may 
now be attempted with the help of the following equilibrium 
constants; 



Temperature 


25"C. 

35°C. 

45°C. 

rr PnoCHNOs)® 

‘ “ P’no=(HjO) 

j 

55.2 

15.8 

5.05 

r. PnsOI 

“ PVo. 

6.51 

3.10 

1 56 


The equilibrium constants, 2 , have been computed from the 
equation 

AF° = -13,693 + 42.21T. (10.30) 

5. Assume that the absorption system is operating under a 
substantially constant total pressure of P atm., and let 
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Tin pound moles oxides (monomers) entering absorption 
system per hour. 

?2o = pound moles oxygen entering absorption system per hour. 

?it = pound moles Xo, plus H2O, entering absorption system 
per hour. 

X = fraction of total oxides present in an oxidation state of 
plus four (XO2 or X2O4) 


— XO2 + 2 (moles X"204) 

XO XO2 “h 2X2O4 

y = fraction total XO2 present associated to X2O4 
Therefore 

Pno = Nn(l - x)P 
Pno. = Nr.x{l - y)P 


where 


-Pn»o, = ^ xyP, 


(10.31) 

(10.32) 

(10.33) 


rin — 2j + ^0 + yii 

= total mole fraction of oxides. (10.34) 

Substituting these expressions for the individual oxide pres- 
sures in Ki and K 2 gives 


where p = 


(1 — ^) 

NJxHl - yyP^-’ 


2iV„x(l - yyP 


(10.35) 


(10.36) 


In order to solve these two equations, it is necessary to solve 
(10.36) for y, corresponding to a given gas composition (iV„ and 
x), and then compute the right-hand side of Eq. (10.35). From 
a plot of Ki/p vs. weight per cent HNO3, the acid concentration 
in equilibrium with specified gas composition is readily deter- 
mined. Solving Eq. (10.36) gives 

y = 1^(2 + B) ± M[(2 + By- - iyi, 
where 5 = 1 /2NnxPKi. 


(10.37) 



220 


APPLICATIONS 


[Chap. X 


Values of Ki/p vs. weight per cent HNO 3 are plotted on Fig. 13 
for 25 and 45°C. As explained above, activities have been 
computed from the relations: 


UH20 




’HiOjx per cent) 


P H20(60 per cent HNO3) 
P HNOafa; per cent) 


1 ru.t. 




IfP = latm.,A'n = 0.07 and T = 0.70 at 25°C.; then P = 1.568; 
and substituting in (10.37) gives y = 0.304. 



Weight percent HNO3 

Pig. 13. — The equilibrium between HNOa and nitrogen oxides. 

Substituting these values in Eq. (10.35) gives 
Zi/p = 5.28 X 102 ; 


and from Fig. 13 this corresponds to 51.2 per cent HNO 3 at 
25X. 
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For 45'^C., but otherwise same conditions, Ko = 1.56, and 
B = 6.54; therefore y = 0.125 and Ki/p = 267, and the corrc- 
spending equilibrium acid strength is 43.2 weight per cent. 

Thus an increase in temperature from 25 to 45°C., for the 
given gas composition at 1 atm., causes a decrease in maximum 
HNOs concentration from 16.6m to 12.1m. 

c. At 1 atm. and 45°C., vnth Nn ~ 0.04 and x = 0.5, B = 16; 
therefore y = 0.055. Consequently Ki/p = 2.96 X 10*^, and the 
equilibrium acid concentration is 33.2 per cent. 

d. With Nn = 0.07, x = 0.90, T — 45'"C., and P = 5 atm., — 
B = 1.015 and y = 0.378. Therefore Ki/p = 4.67, and the 
maximum acid concentration is 60.0 per cent. 

The calculations heretofore given illustrate the way in which 
thermodynamics may be of ser\dce in plant operations. When 
the gas and liquor compositions, temperature, and pressure are 
known at the liquor finishing point of the absorption system, it is 
a relatively simple matter to determine whether or not the 
system is producing as strong an acid as it should for the given 
operating conditions, from known thermochemical data. 

3. Nitroparaffins. Illustration 3. — a. Estimate the free ener- 
gies of formation of nitromethane and nitroethane at 25°C. 

6 . Indicate the conditions of temperature and pressure likely 
to be favorable to the formation of these compounds, from the 
corresponding hydrocarbons and gaseous HNO 3 . 

Solution. — a. From the graphs of Fig. 11, Chap. VIII, the 
molar entropies of gaseous CH3NO2 and C2H5NO2 at 25°C. are 
estimated to be 68.0 and 76.0 units, respectively. The heats of 
formation of the gaseous compounds (B-R)‘ are —18,600 and 
— 23,000 cal. /mole, respectively. Accordingly, the standard 
free energies of formation are 

CHsNOac^): AP °298 = -18,600 - 298.1(-52) = -3,100 cal. 

C2H5N02(^): AP% 9 s = -23,000 - 298.1(-76.7) = -100 cal. 

h. The free-energy change for the nitration reactions 

CH4(.) + HN03(.) = CHaNOsf.) + HsOc.), (10.38) 
C2Ha(,) + HNOac.) = C2H5N02(.> + H20(,), (10.39) 

may be evaluated from the known AjEfh and AF^s for methane 
and ethane^’^ and the values for HNOsc^^) given in the previous 
problem. 
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For reaction (10.38), 

AF°298 = -54,636 - 3,100 + 17,960 + 12,085 = -27,691 
AiJsss = -57,800 - 18,600 + 32,560 + 17,865 = -25,975. 

Therefore 

AF® = -25,975 - 5.767. (10.40) 

For reaction (10.39), 

dF°298 = -54,636 - 100 + 17,960 + 7,787 = -28,990 

= -57,800 - 23,000 + 32,560 + 20,191 = -28,050. 

Therefore 

AF° = -28,050 - 3.157. (10.41) 


Thus, reactions (10.38) and (10.39) are accompanied by large 
favorable free-energy changes at all temperatures; consequently 
the yields obtained from these reactions are not determined by 
eqiiilibrium conditions but by kinetic factors and catalytic influ- 
ences. The effect of pressure on these reactions must therefore 
be related to its effect on kinetic factors, such as concentrations, 
times of retention,, etc. Nevertheless, thermodynamics does 
afford some positive information which is of definite value in 
predicting favorable conditions for performing these reactions, as 
can be seen from a consideration of the following gas-phase 


reactions: 

HNOs = HH* + KNz -t- (10.42) 

AF° = 0 at approx. 394°C. 

2HNOs = HaO •+• 2NO -t- ^Oa. (10.43) 

AF° = 50,370 - 93.47 AF° = 0 at 270°C. (10.44) 

CH3NO2 = C -1- ^HaO -f- MNa + KOa (10.45) 
NF° = -68,000 - 36.67. (10.46) 

CaHs -h 2HNO3 = 2HCHO + 2HaO + 2NO. (10.47) 
AF° = -42,630 - 1127. (10.48) 


Owing to the inherent inertness of the paraffin hydrocarbons 
to chemical attack, reactions (10.38) and (10.39) would not be 
expected to occur at temperatures appreciably below 400°C.; at 
these temperatures the HNO 3 is extremely unstable with respect 
to decomposition into elements or NO [Eq. (10.42) to (10.44)]. 
Consequently, unless conditions are such that the rates of the 
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primary reactions (10.38) and (10.39) are much faster than the 
rates of (10.42) or (10.43), so that the HXOj reacts fruitfully, 
considerable loss of fixed nitrogen may occur. Furthermore, the 
nitroparaffins are highly unstable ^ith respect to decomposition 
into H 2 O, N 2 , etc. (10.46), and oxidation to formaldehyde is very 
favorable, as shovm by Eq. (10.48). The free-energy change 
for the oxidation to CO and CO 2 would be still larger, and hence 
these secondary products would also be formed to some extent. 

On the basis of these considerations, it would appear that the 
efficient conversion of HXO 3 to nitroparaffins is largely a question 
of the relative rates of the various reactions discussed above. 
The efficiency of such a reaction system is usually sharply 
dependent on temperature, concentrations, and time of retention 
in the reaction vessel, as well as chance catalytic influences. 
Hibshman, Pierson, and Hass^ have found that the efficiency of 
utilization of the HNO 3 in the reaction with C 2 H 6 goes through a 
sharp maximum with temperature for constant time of retention, 
and a sharp maximum with time of retention for a given tem- 
perature. The experimental determination of the optimum 
conditions for performing reactions of this type is a delicate and 
tedious affair, which is complicated by the highly exothermic 
nature of the reactions and the doubtful significance of observed 
reaction temperatures. 

Since pressure increases the gas-phase concentrations of the 
reactants, the rates of all reactions involved should be accelerated 
by the use of pressure; at the same time, it is very unlikely that 
the dissociation of HNO 3 is apt to be repressed, unless very high 
pressures are employed. Thus, the possible advantages to be 
gained by operating under pressure can be ascertained only by 
careful laboratory investigations and a study of the various 
economic factors involved. 

4 . Biolefins. Illustration 4 . — ^The diolefin, butadiene, is an 
important raw material for the manufacture of one type of 
synthetic rubber. It may be produced by dehydrogenation of 
1-butene over chromium, molybdenum, and vanadium oxide 
catalysts.^ 

a. Derive an equation for the free-energy change for the 
formation of butadiene from 1-butene, as a function of tempera- 
ture, and similar equations for such secondary reactions as 
appear likely to occur concomitantly with this reaction. 
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6. Compute the corresponding equilibrium constants at 400®C. 
and 600^C. 

c. Express these equilibrium constants in terms of the fractions 
of the butene reacted in accordance with the various chemical 
equations, and compute the equilibrium conversions for the 
following cases: 


Case 

d 

e 

/ 

Pressure, atmosphere 

1 

1 

0.25 

Temperature, °C 

400 

600 

600 

Ratio, initial moles inerts to butene. ... 

1 

0.05 

0.05 

0.05 


Solution, — a. Assume that the external conditions may be 
controlled so that the following reactions are the only ones 
occurring to an appreciable extent: 


C4H8 - C4He + H,. (10.49) 

C4H8 + H2 == C4H10. (10.50) 

C4H6 = 40 + 3H2. (10.51) 

The necessary and AiP®298 values have been taken from 

the review by Thomas, Egloff, and Morrell.'^ 


Compound 

AH 2 SS 

Ay°298 

C<H, 

25,770 

33,960 

l-CiHs 

-480 

16,780 

Wr-C4Hie 

-30,570 

-5,000 


Owing to the large positive free energy of formation of butadiene, 
any tendency for reaction (10.51) to attain equilibrium would 
result in the complete decomposition of this compound into 
carbon and hydrogen; hence it must be assumed that the rate of 
this reaction is slow compared to the rates at which the first two 
reactions reach equilibrium. 

The free-energy change for reaction (10.49) as a function of 
temperature may be computed by assuming that the loss of one 
molecule of H2 causes a decrease of 2 cal. in the molar-heat 
capacity of the hydrocarbon, 5 for reaction (10.49) ; 
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therefore 

Ml = 24,760 + 5.0r, ( 10 . 52 ) 

d (^1^) = + I?) dT, (10.53) 

-AF° = -24,760 + 11.52T log T - 3.097. (10.54) 

Similarly, for reaction (10.50) it will be assumed that ACp = —6.0; 
hence 

= -28,600 - 5.07, (10.55) 

-A7° = 28,600 - 11.527 log 7 + 5.647. (10.56) 


h. Let andXs = ; then, at 400°C., 

Ki and may be computed from (10.54) and (10.56). 

Ki = 2.69 X 10-2 = 2.34 X lO^. 

At eoo^c., 

Ki = 3.43 = 9.64. 


c. The reaction system is assumed to be a flow system, oper- 
ating at constant pressure P. Let no and Ui represent the pound 
moles of 1-butene and inerts, respectively, entering the con- 
verter per hour; and n-n the pound moles of H2 produced per hour 
by destructive cracking alone when the sytem has attained 
equilibrium with respect to reactions (10.49) and (10.50). 

X = the fraction of C4H8 decomposed into butadiene, 
y = the fraction of C4Hg hydrogenated to C4H10, and 
/ = the fraction of original stock cracked completely to 
carbon and H2, 
then, at equilibrium, 


Moles C4H8 = no(l — x — y — f) 

Moles C4H6 = nox 
Moles C4H10 = noy 

Moles H2 = 4no/ + n^x — noy = no(4/ + x — y) 
Total moles = no(l + x — y + Zf) + ni. 


Therefore 


^ (I - X - y -f)P 
l + x-y + Zf + ro 


(10.57) 


where r — rii/na. 

Similar expressions may readily be derived for the partial 
pressures of the other components, which lead to the following 
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equations for Ki and K^: 


^2 = 


(4/ + a: - y)xP 

{I — X — y — /)(1 + X — y + 3f + nY 

(1 + X — y + 3/ + rQ)y 

{I - X - y - /)(4/ + X - y)P 


(10.58) 

(10.59) 


d. P 1 atm., T = 400''C., n = 0.05. Assuming that the 
fraction of the original stock, irreversibly cracked to C and Ho, 
equals 0.01, and substituting in (10.58) and (10.59) give 


(0.04 + X — y)x 

(1 — X — y — 0.01) (1 + X — y + 0.08) 

Q. + X - y + 0.08)t/ 

(1 ~ X - y - 0.01)(0.04 + x-y) 


= 2.69 X 10-^ 
= 2.34 X 10^. 


Unless a great many data are required, the simplest procedure 
is to solve these equations by trial and error. In this case, 
X == 0.445 and y = 0.482. Thus, for the assumed conditions in 
which only 1 per cent of the butene is completely decomposed, 
93 per cent of the butene will react to form butadiene and butane 
in roughly equimolar proportions. 

e. P = 1 atm., T = 600^0., n = 0.05. Assuming 2 per cent 
of the original stock irreversibly cracked to C + H 2 , and sub- 
,stituting in (10.58) and (10.59) give 


(0.08 + ~ y)x 

(0.98 — X — y)(l.ll + X -- y) 

( 1.11 + X - y)y 

(0.98 — a; — ^)(0.08 + x — y) 


3.43, 

9.64. 


By trial and error, x = 0.68 and y = 0.23; consequently, tem- 
perature favors butadiene formation, but not butane formation. 

f,P — 0.25 atm., T = OOO'^C., tq = 0.05. Assuming, as 
previously, that / = 0.02, and substituting in (10.58) and (10.59) 
give 

(0.08 + z- y)x ^ 

(0.98 — X — 2/)(l*ll + X — y) * ’ 

(1.11+ a; -y)y . 

(0.98 — X — 2/)(0.08 + X — y) 

Solving these equations as before gives a; = 0.905 and 2 / ?= 0.04; 
in other words, 90.5 per cent of the entering butene would be 
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cracked to butadiene, and only 4 per cent would be hydrogenated 
to butane. Thus, from the equilibrium standpoint, high tem- 
peratures and low pressures favor the formation of butadiene. 

The optimum conditions of temperature and pressure will be 
determined by kinetic and specific cataljTic factors, w^hich can 
be predicted in advance only in a qualitative way. Thus, since 
the rates of all reactions increase with temperature but the 
formation of butane is disfavored by temperature, it would 
appear that the higher the temperature of operation, the better 
the conversion to butadiene. Actually, owning to the greater 
degree of thermal instability of butadiene, it is to be expected 
that the lower the temperature, the smaller the destructive 
cracking of this compound into carbon and H 2 . Consequently 
an economic balance must be struck between these tw^o opposing 
factors in order to obtain a maximum economy of conversion to 
butadiene. Furthermore, since the rate of cracking of the 
butadiene increases with its concentration, low conversions per 
pass through the converter will probably result in a greater 
over-all conversion of the butene to butadiene. One fact, 
however, does appear quite certain, namely, that low-pressure 
operation is to be preferred to atmospheric or super-atmospheric 
pressure operation since the tendency tow^ard butane formation, 
as w'ell as the polymerization of the butene, is thereby reduced. 

5. Benzaldehyde from Carbon Monoxide and Benzene, 
Illustration 5. — Estimate a range of conditions of temperature 
and pressure likely to give practical yields of benzaldehyde, in the 
reaction between CO and liquid benzene. 

Solution . — The reaction to be investigated is 

CO(f;) + C6H6 (o = C6H5CH0(J). (10.60) 

The following thermal data are required: 


Compound 


Ai3'298, form. 

CO(,) 

47.32 

-26,390 

CeHfifz) 

41.9 

12,870 

CeHsCHOd) 

49.4* 

-21,860 


* Estimated. 


The entropy of benzaldehyde has been estimated in accordance 
with the discussion given in See. 2, Chap. VIII; the entropies of 
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CO and CeHe are also recorded in this chapter. The AH of 
formation of benzenS is based on the heat of combustion selected 
by Parks and Huffman, in conjunction with the new heat of 
formation of CO 2 ; the heat of formation of benzaldehyde is based 
on the heat of combustion given by Kharasch.® 

The following free-energy equation is readily derived for 
reaction (10.60), on the assumption that ACp = +5 cal.: 

AH 298 = -8,340 cal. AF °268 = 3,530 cal. 
ah = -9,830 + bT, 

Apo = -9,830 - 11.52r log T + 73.5T. 

With the standard states as indicated by Eq. (10.60), the 
equilibrium constant for this reaction is 

X = i fSiY (10.61) 

jf CO \^B/ 

where /co = fugacity of the CO, 

a A = activity of benzaldehyde in solution in CeHe, 

= activity of benzene in solution with the aldehyde. 
The equilibrium constant has the value 2.59 X 10“^ at 25°C., 
and therefore the reaction does not look very promising. Since 
it is exothermic, elevated temperatures do not favor this reaction. 
The reaction is, however, accompanied by a decrease in volume, 
and therefore elevated pressures will drive it to the right. 

If Pa and ps are the vapor pressures of pure liquid aldehyde and 
benzene at 1 atm. pressure (standard reference state), then the 
free-energy change, corresponding to the transfer of 1 mole of 
either substance to the total pressure P, is 

AFa = 

Pa 

and 

m = BT In 

Pb 

where the f”s represent the fugacities of the pure liquids at the 
pressure P. If the solution of aldehyde in benzene under the 
pressure P is assumed to be ideal, 

/a = and fB = fB°(l - Ha), (10.64) 


(10.62) 

(10.63) 
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where K a is the mole fraction of aldehyde in solution at equilib- 
rium with respect to reaction (10.60), at the total pressure P. 
Thus the transfer of 1 mole of aldeh^’-de from pure liquid under 
its own vapor pressure to the equilibrium solution at the pressure 
P involves the total free-energy change 


Ja 


AFa = RT In^— + RT In 

Pa /a 


/a°.Va _ 


Erin 


Pa 


(10.65) 


Since AF a = RT In a a, the activity of the aldehyde in the equilib- 
rium system is obviously 


Ua 


fA°NA . 

Pa ’ 


( 10 . 66 ) 


and, similarly, the activitj’ of the benzene in solution is 

_ /«°(1 - Na) 

ds 

Vb 

The equilibrium constant is, therefore, 

r. I U^Vb( Na Y 
fcofs^ Va \l - Na)^ 

and solving for iV'x vields 

I +& 

w'here 

p _ USb°vaK 
JA Vb 

and WQN A represents the mole per cent benzene converted to 
aldehyde. 

At 100°C., AP = 6,500 cal; therefore K == 1.55 X 10"^ 

The fugacity of the CO at 100 and 500 atm. may be obtained 
from Fig. 3, Chap. V, and from the critical constants, Tc 
= 132.98®K. and Pc == 34.53 atm. The fugacities of the pure 
liquids under pressure may be computed from Eq. (5.16) and 
the molar volumes and vapor pressures recorded in the table on 
page 230. 

By neglecting the decrease in volume of liquid benzene and 
benzaldehyde under pressure and assuming the above vapor 
pressures equal to the fugacities, the fugacities under pressure 


(10.67) 

( 10 . 68 ) 

(10.69) 
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were computed from the integral of (5.16) in the form 

- IS# - ”)■ 

where Vm is the molar volume of either liquid. 


(10.71) 


Compound 

Tempera- 
ture, °C. 

Vapor 

pressure, 

1 atm. 

Total 

pressure, 

atm. 

Molar 

volume, 

cc. 

Fugacity 

Benzene 

25 

0.125 

100 

89.5 

0.179 


100 

1.753 

500 

98 8 

8.77 

Benzaldehyde 

25 

0.0010 

100 

102 

0.00151 


100 

0.0796 

500 

109 

0.470 

CO 

25 


100 


97 

1 

100 

i 

i 

500 


625 


At 25‘’C. and 100 atm. 

^ _ (97) (0.179) (0.001) (2.59 X IQ-Q 

7I> (0.00151) (0.125) 

C = 0.238; 


therefore 


= 


At 100°C. and 500 atm. 


0.238 

1.238 


0.192. 


C = 

therefore 


(625) (8.77) (0.0796) (1.55 X lO"*) 
(0.470) (1.753) 


_ 0.082 
1.082 


0-0756. 


0.082; 


Examination of the foregoing figures shows that, at 25° and 
100 atm. CO pressure, 19 mole per cent of the benzene is con- 
verted to aldehyde at equilibrium in a static system; whereas 
only 7.6 per cent would be converted at 100°C. and 498 atm. of 
CO. Thus the reaction does not look very promising unless it 
can be made to take place at a practical rate, at temperatures 
below 100°C. and pressures of the order of 500 atm. The 
experimental evidence indicates that this is unlikely in the absence 
of a participating catalyst, such as aluminum chloride. 
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6. Electrolytic Reduction of Benzoic Acid to Benzyl Alcohol, 

Illustration 6. — Benzyl alcohol may be produced by cathodic 
reduction of benzoic acid in aqueous solution. Estimate the 
electrical energy required to produce one ton of benzyl alcohol 
by this method. 

Solution , — ^The minimum energy required to reduce benzoic 
acid to benzyl alcohol may be computed from the free energies 
of the substances taking part in the reaction 

CeHsCOOHcz) + 2H2(,) = CeHsCHsOHcr) + (10,72) 

The required values are 

CeHsCOOHcz): = -59,160 caL, 

C6H5CIl20H(Z) t AjP ‘^298 — — 5,230 cal., 

H20<z): AF%8 = -56,694 cal., 

where the Parks and Huffman value for benzoic acid has been 
used, and the AF of benzyl alcohol has been based on 894,300 cal. 
for the heat of combustion and 51.8 for the entropy of this com- 
pound. The free-energy change for reaction (10.72) at 25^C. is, 
therefore, —2,760 cal. and zero at about 80®C. Thus, for all 
practical purposes the energy requirement for the reaction, as 
written, is negligible. 

However, in order to produce two moles of hydrogen, the 
process expressed by the equation 

2H20(j) = 2H2(.) + 02(.), (10.73) 

must also take place. Since the free-energy change for this 
reaction is -1-113,390 cal., this represents the minimum energy 
requirement per mole of benzyl alcohol, when the reduction is 
performed in accordance with Eq. (10.72). The minimum 
number of kilowatt-hours per ton of benzyl alcohol is, therefore, 


kilowatt-hours = 


2,000 X 454 X 113,390 X 4.185 
108 X 3.6 X 10« 


= 1.11 X 10^. 


With a reasonable price for electrical energy per kilowatt-hour, 
the above minimum energy requirement does not appear to be 
excessive. 

It is possible to arrive at a more significant value for the 
energy requirements by visualizing a reasonable type of cell in 
which the reduction process might be- carried out. Consider a 
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cell consisting of a porous cylinder for a cathode compartment, 
situated inside a larger cylinder serving as anode compartment. 
The anode compartment contains an aqueous solution of sul- 
phuric acid, and the cathode compartment contains the same 
electroljiie, plus benzoic acid. The electrodes might be made of 
sheet lead. The passage of 4 faradays of electricity through this 
cell under reversible conditions effects the following changes of 
state: 

Anode: 2 H 2 O = 4H+ -1- O 2 4e~ — —1.229 volts. 

Cathode: CeHaCOOH 4H+ -b 4e- = GeHsCHaOH 

II2O — — ? 

Overall: CsHsCOOH + H 2 O = CeHsCHaOH -b O 2 . (10.74) 

An estimate for Ei may be obtained as follows: Parks and 
Huffman give -67,950 cal. for the free energy of formation of 
CeHsCOOHcas); if the solubility of benzyl alcohol in water at 
25®C. is estimated to be of the order of 0.5 molal, the free energy 
of formation of C 6 H 6 CH 20 H(a,) is approximately 

AF °298 = -6,230 + 1,364 log ^ = -4,820 cal. 


Even if the estimated solubility of the alcohol is in error by a 
factor of 10, the effect on the final answer will be entirely negli- 
gible. Accordingly, the standard free-energy change for the 
cathode reaction is 


= -56,694 - 4,820 -b 57,950 = -3,564 cal., 

and 

™'*- 

Consequently, the standard reversible electromotive force for 
the visualized cell, in which reaction (10.74) takes place, is 
approximately 

E° = Ei° - Ei° = -1.229 -b 0.039 == -1.19 volts. 


The reversible electromotive force of this cell corresponding to 
actual concentrations or activities is, therefor.e. 


E = Ei° 


^ (R+yPo, 
4F (HiO)^ 



BT, (HBz)(H+)^ ' 
4F (BzOH)(H20). 
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or 

E = -1.19 - 0.0147 log (10.75) 

If the concentration of H2SO4 is not too large, the ratio 
(BzOH)/(HBz) is substantially the. same as in pure water, and 
the activity of the H2O is close to unity j therefore 

. -1.19 - 0.0117 log -1.208. 

when P02 =1.0 atm. Furthermore, it should be noted that, 
even if it were possible to alter P02 and the activities appearing 
in the log term such that the factor 

Po.(BzOH) 

(H20)(HBz)’ 

varied by as much as 10®, the over-all electromotive forces would 
change only by —0.0882 volt. Thus it must be concluded that 
the reversible electromotive force of this cell is not particularly 
dependent on concentration changes. 

The total actual electromotive force of the cell in operation is 
the sum of the reversible electromotive force, the IR drop 
through the cell, and the overvoltages at the two electrodes 
corresponding to the current density employed to give practical 
rates of reduction. Now the IR drop depends on the total cur- 
rent through the cell (J) and the total resistance of the cell (P). 
Since this latter factor depends to such a large extent on the 
composition of the electrolyte, temperature, shape, and size of 
electrodes, as well as their relative disposition, no attempt will 
be made to compute this quantity. A reasonable IR drop for a 
commercial cell is 1 to 2 volts, and therefore 1.5 volts will be 
assumed in this case. 

With a current density of 0.1 amp./sq. cm., the hydrogen 
overvoltage at a lead electrode in one molal H2SO4 is known to be 
1.18 volts at 25'^C. This should represent a reasonable upper 
limit for the cathode overvoltage in the reduction of benzoic 
acid; since, if this value were exceeded, H2 would be discharged 
as such, instead of being captured by the carboxyl group. No 
data are available for the oxygen overvoltage at a lead electrode 
in sulphuric acid, but the same value will be assumed. The 
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operating electromotive force of this cell at 25*^0. is estimated 
to be 

E = 1.208 + 1.5 + 2(1.18) = 5.06 volts. 

In the actual reduction some H2 is likely to escape from the 
cathode compartment, and certain undesirable secondary cell 
reactions might also occur; consequently an over-all current 
efficiency of 80 per cent will be assumed. That is, instead of 
requiring four faradays to produce 1 mole of the alcohol, 5 
faradays will be required. The energy expended in the produc- 
tion of 1 g. mole is, therefore, 

5(96,494) (5.06) = 24.4 X 10^ joules 


or, per ton of benzyl alcohol, 


kilowatt-hours = 


2,000 X 454 X 24.4 X 10^ 
108 X 3.6 X 10® 


= 5.7 X 10^ 


Thus it will be seen that the actual energy requirement, 
corresponding to the cell reaction expressed by Eq. (10.74), is 
about five times as great as the minimum requirement, corre- 
sponding to the reaction expressed by Eq. (10.72). The cost of 
electrical energy for such a reduction process might therefore 
appear to be prohibitive, unless unusually cheap power w^ere 
available. 

No mention has been made of the possibility of favorably 
influencing the efficiency of the reduction by altering the tem- 
perature of operation or the electrolyte concentration. In view 
of the low solubility of benzoic acid in water at ordinary tem- 
peratures, the rate of reaction between H2 and the acid at the 
cathode would be slow, and considerable H2 would escape from 
the cathode. Increasing the temperature of operation and the 
H2SO4 concentration of the electrolyte would probably improve 
these kinetic factors, but would increase the reversible electro- 
motive force of the cell. However, since elevated temperatures 
usually decrease the overvoltage, the net result of higher tem- 
peratures would probably be favorable. In fact, it is probably 
necessary to operate at elevated temperatures if a current 
efficiency of 80 per cent is to be realized. 
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CHAPTER XI 


FLAME TEMPERATURES 

Theoretical flame temperatures are of importance in engineer- 
ing considerations (1) because they represent the maximum 
possible temperatures or potentials at which the thermal energy, 
produced by a given combustion process, will be available for 
conversion to work; and (2) because the magnitude of the tem- 
perature determines to a considerable extent the materials of 
construction to be employed for fabricating the combustion 
apparatus. In spite of the fact that calculations of flame tem- 
peratures are based on the assumption that the process is adia- 
batic, the results so obtained usually agree with actual flame 
temperatures within about lOO^C. The calculations are com- 
plicated by the fact that the temperatures ultimately attained 
under adiabatic conditions may be high enough to dissociate the 
CO2 and H2O. In this case the final equilibrium system contains 
CO2, H2O, CO, O2, H2, and OH molecules, in addition to inerts 
present in the original gas mixture. Since the extent of disso- 
ciation depends on the final temperature — and this in turn 
depends on the total heat liberated, which is also determined 
by the dissociation — it is obvious that the problem is quite 
involved. 

1. Theoretical Flame Temperature in Combustion of Propane. 

Illustration . — A mixture of propane and air is to be burned, using 
the stoichiometric quantity of air. Compute the theoretical 
flame temperature for this process, assuming the reactants 
initially at 25°C. 

Solution . — In the absence of preliminary information to the 
contrary, it is advisable to assume that the maximum tempera- 
ture will be high enough for the CO2 and H2O formed to be 
partially dissociated. Accordingly, the correct evaluation of 
the theoretical temperature requires a knowledge of the equilib- 
riums involving the possible species, H2O, CO2, CO, H2, O2, and 
OH at the temperature attained by the system. 
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Since accurate values for the equilibrium constants of the 
following three reactions are available,^ these equations will be 
employed to evaluate the equilibrium conditions at the unknown 
temperature attained by the system 

C02 = C0 + K02, (11.1) 

HsO = Ho + 1^02, (11.2) 

H 2 O = OH + l^Ho. (11.3) 

Let Ui = total moles of CO 2 stoichiometrically equivalent to 
complete combustion of 1 mole of the combustible 
compound (CsHg). 

^2 = total moles of H 2 O stoichiometrically equivalent to 
complete combustion of 1 mole of the combustible 
compound. 

X == fraction total moles CO 2 dissociated in accordance with 
Eq. (11.1). 

y = fraction total moles H 2 O dissociated in accordance with 
Eq. (11.2). 

2 . = fraction total moles H 2 O dissociated in accordance with 
Eq. (11.3). 

At equilibrium 

moles CO 2 == ^ 1(1 x) 
moles CO = nix 
moles H 2 O = 722(1 — 7 / — 25 ) 
moles OH = n^z 

molesO. + ^ 

moles H 2 = ^ (27/ + z) 

and the moles of N 2 present in the air are designated by n. The 
total moles at equilibrium are given by the expression 

moles = ni ^1 + + 712 ^1 + I + + n. (11.4) 

Since ti is a large number, and the fractional dissociations are 
quite small, no great error will be introduced if this expression is 
simplified to 


S moles = 711+712+71. 


( 11 . 5 ) 
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CO2 


Wi(l — x)P 

Tlx 71^ -f" 71 


„ nxxP , 

A CO = — Gtc. 


ni(l — x)P 
S 


Substituting these partial pressures in the equilibrium equations 
corresponding to (11.1) to (11.3) gives 


Kx 

K 2 

Ks 


I — X 

2y + z 
2(1 - t/ - z) 


{nxx + n^y) ^ 


(nxX + n^y) ^ 




1 - y 




[n 2 ( 2 y + z)] 


LX". 

2sf 


( 11 . 6 ) 

(11.7) 

( 11 . 8 ) 


Equations (11.6) to (11.8) contain three unknowns, but cannot 
be solved for x, y, and z because the maximum flame tempera- 
ture is still unknown, and therefore Ki^ K 2 , and Kz are as yet 
undetermined. The fourth required relation can be found in the 
expression for the heat evolved by the combustion reaction as 
follows: For the combustion of propane = 3 and ^2 = 4; 
therefore the net effect of the adiabatic reaction per mole of 
CsHs is 


CsHs + (5 %x - 2y)02 - 3(1 - x)C02 + ^xCO 

+ 4(1 - 2 / - ^)H 20 + 2(2y + z)B.2 + 4cz01I. (11.9) 

[All substances in Eq. (11.9) are in the gaseous state.] Since the 
heats of formation and heat capacities of all the species involved 
in this reaction are known, a system of four equations involving 
the four unknowns x, y, z, and T can be set up, which permits a 
definite solution of the problem. Unfortunately, an explicit 
solution of this system of equations for the four unknowns is not 
possible; therefore, a tedious trial-and-error method must be 
employed. 

In using Eq. (11.9), two different procedures are possible. It 
can be assumed that the initial mixture of propane and air is 
heated up to the unknown temperature T, and there permitted 
to react to equilibrium, in accordance with (11.9); or it can be 
assumed that the reaction occurs at 25*^0. to the extent permitted 
by the equilibrium conditions at the temperature T, and this 
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mixture of gases is then heated up to the temperature T. Since 
the energy in excess of the zero-point energy of all these gases, 
except propane, is available in tabulations^ and is given in 
Table 1 below, it is obvious that the second procedure is prefer- 
able. Values of energy contents recorded in Table 1 are for the 
ideal gas state, and may be readily converted to enthalpies 
by the addition of 1.987T. 


Table 1. — The Energy Content 




Mole* 


OF Gases in Calories per 


Temp., 

“K. 


200 

250 

300 

400 

500 

600 

700 

800 

900 

1000 

1200 

1400 

1600 

1800 

2000 

2200 

2400 

2600 

2800 

3000 

3200 

3500 


* Prepared by Lewis and Von Elbe, J. Am. Chem. Soc., 57 , 612 (1935). 

The following values have been employed for heats of forma- 
tion in these calculations: 


Gas 


Ha 

O 2 

N. 

CO 

NO 

OH 

CO 2 

H 2 O 

O3 

Bra 

HBr 

965 

995 

992 

992! 1.09.5 



1,192 

1,229 

1,134 

994 

1,197 







1,454 

1,243 

1,440 

1,492 

1,489 

1,489 

1,616 

1,523 

1,660 

1,791 

1,950 

l’783 

1^493 

1,936 

2,004 

1,987 

1,989 

2,132 

2,034 

2.403 

2,409 

2,786 

2,456 

1,991 









3,660 

3,140 

2,493 

2,936 

3,086 

3,006 

3,017 

3,196 

3,048 

4,135 

3,687 

4,627 

3,830 

3^003 









.5,644 

4,. 524 

3,525 

3.947 

4,262 

4,080 

4,112 

4,332 

4,069 

6,107 

5,073 

6,702 

5,222 

4! 061 









7,793 

5,923 

4,612 

4,979 

5,509 

5,217 

5,271 

5,534 

5,118 

8,246 

6,577 

8.909 

6,626 

5479 

6,044 

j 6,814 

6,442 

6,487 

6,786 

6,200 

10,500 

8,200 


8,037 

6,355 

7,155 

8,150 

7,659 

7,749 

8,074 

7,330 

12,840 

9,920 


9,455 

7,579 

8,295 

9,514 

8,920 

9,045 

9,389 

8,525 

15,220 

11,750 


10,880 

8,843 

9,478 

10,920 

1 10. 220 

10,355 

10,724 

9,740 

17,680 

13,670 




10,702 

12,352 

11,533 

11,670 

12,075 

10,990 

20,180 

15,650 




11,945 

13,815 

12,860 

13,007 

13,439 

12,255 

22,680 

17,710 




13,233 

15,314 

14,199 

14,354 

14,814 

13,565 

25.240 

19,780 




14,554 

16,825 

15,554 

15,732 

16,197 

14,890 

27,830 

21,930 




15,894 

18,350 

16,926 

17,110 

17,588 

16,250 

30,450 

24,150 




17,234 

19,887 

18,295 

18,484 

18,985 

17,607 

33,000 

26,330 




18,586 

21,415 

19,672 

19,923 

20,387 

19,000 






20,654 

23.700 

1 

21,747i 

21,951 

22,5001 

1 

21,105 







Compound 

CsHs 

CO2 

CO 

H2O 

OH 


— AJTaas i, cal. per mole 
24,790 
94,030 
26,394 
57,800 
5,930 
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The heat liberated by reaction (11.9) is given by the equation 

Alf 298 = -23,7202 - 231,200(1 - y - z) - 79,180a; 

~ 282,090(1 -x)+ 24,790. (11.10) 

This heat evolution may then be equated to the sum of the 
enthalpies of the products, plus excess O 2 (if any), plus N 2 
between 298. 1°K. and T°K. 

If the mole of propane is burned with the stoichiometric 
amount of air, then a total of (1) (5) (100/21) = 23.8 moles of air 
are required. The products of combustion will then contain 
18.8 moles of N 2 (n). 

The total enthalpy of the products is, therefore, 

2F^298 = 18.8ffN. + (1.5a; + 2y)Ho. + 3(1 ~ a;)Hcoe + 3a;Hco 
+ 4(1 - y - z)Hn.o + 2(22/ + z)Hm + 42Hoh (11.11) 

and is equal to — AH 298 computed from Eq. (11.10). 

In order to apply Eq. ( 11 . 11 ), some convenient simplifications 
may be performed without introducing appreciable errors. In 
the first place the total energy content of the products as read 
from Table 1 may be converted to heat content by the addition 
of the term SiJT. Since S is very nearly 25.8 moles, it follows 
that 

2^^298 = SjB^ 298 + 51.26(r - 298). (11.12) 

In the second place, a glance at Table 1 shows that the energy 
contents of H 2 and OH are roughly equal; and, since they con- 
stitute but a small portion of the total energy content of the 
system, it is permissible to treat the OH as if it were H 2 . Again, 
since the energy content of the CO is almost equal to that of the 
N 2 , and since it is present in relatively small amounts, it can be 
treated as if it were nitrogen. With these simplifications Eq. 
( 11 . 12 ) becomes 

2J?^298 = (18.8 + 3x)Efj2 4“ (1.5a; + 2 y)Eo 2 + 3(1 — x)Ecoz 

+ 4(1 - 2 / - + 2 ( 22 / + 3z)E^2 

+ 51.26(r - 298). (11.13) 

It should be noted that the energy contents to be substituted in 
this equation are the values read from Table 1 at the temperature 
T, minus the energy contents at 298°K. With the help of the 
numerical values of the equilibrium constants plotted on Fig. 14, 
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Eqs. (11.6), (1L7), (11.8), (11.10), and (11.13) may now be 
solved for z, y, 2 , and T by trial tod error. 

Assuming that T = 2250®K. and P = 1 atm., then Ki 
= 8.8 • 10-^ K 2 = 1.68 • 10-^ Kz = 2.53 • lO”^ (Fig. 14), and 
Eqs. (11.6) to (11.8) become 

— ^ (Zx + 42/) « = 6.32 • 10-2. 
i — a: 

2(1^'! t - T) + ■*»>" - 

^ [4(22/ + = 1-82 • 10-2. 

1 — 2/ 2 


Guess X = 0.10; 2 / = 0.006; z = 0.04. 

^ (0.30 -f 0.024) = 6.34 • lO"*. 

(0.30 + 0.024)’^^ = 1.55 • IO- 2 . 

^ (0.208)^^ = 1.91 • 10-2. 

Substituting these values of x, y, and z in Eq. (11.10) gives 

AH 298 = -23,270(0.04) -- 231,200(0.954) - 79,180(0.10) 

- 282,090(0.90) + 24,790, 

-Ai?298 = 458,080. 

2E^298 may now be computed from Eq. (11.13) by substituting 
the above values for x, y^ and z and values for P ^298 read from 
Table 1. Thus, 

SEflio = 19.1(11,716) + (0.162) (12,712) + 2.70(21,676) 

+ 3.82(16,453) + 0.264(10,841), 

SEIIf - 350,330, 
or 

- 350,330 + 115,200 - 15,250 = 450,280 cal. 

It will be noticed that the computed heat liberation is equiva- 
lent to an increase in enthalpy of 458,080 cal., whereas the heat 
content of the products of combustion between 298 and 2250®K. 
is 450,280 cal. Thus the heat liberated by the combustion is 
about 1.7 per cent more than that required to raise the products 
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of combustion from 25 to 1977°C. If an extremely accurate 
value for the flame temperature vere required, it would be 
necessary to repeat these calculations, assuming a temperature 
about 20° higher, and solving for new and larger values of x, y, 
and z at the higher temperature. As it is, it would probably be 



FiCr. 14. — Equilibrium constants used in flame-temperature calculations. 

sufficiently accurate to raise the total temperature rise of 1952® 
by 1.7/2 per cent, giving an adjusted temperature rise of 1969®’ 
This is equal to a theoretical flame temperature of 1994®C. for the 
combustion of 1 mole of CsHs with the stoichiometric amount of 
air. 
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1. General Considerations. — The design of a suitable vessel 
for carrying out a reaction in a continuous manner may fre- 
quently be facilitated when data in the literature concerning the 
thermochemical and kinetic properties of the reaction in question 
are properly utilized. In spite of the fact that most industrially 
important reactions are performed in the presence of catalysts, 
data on homogeneous, noncat aly tic reactions are of value in 
affording preliminary estimates of the size and weight of the 
reaction vessel required to perform a given reaction. Although 
estimates so obtained are upper limits, they are of definite value 
for preliminary cost estimating and in rating the economic merits 
of catalysts developed in the laboratory. 

The thermochemical characteristics of the reaction enter the 
considerations in that reactions become infinitely slow as equilib- 
rium is approached, thereby requiring an unduly large reactor or, 
owing to large heat effects (positive or negative) accompanying 
the reaction, it is necessary to arrange the converter parts so as 
to add or subtract heat from the reaction mass. This is essential 
in order to control temperatures within certain limits. The 
method of attacking such problems is illustrated by the two 
illustrations presented in this chapter. In the first illustration 
the reaction is mildly exothermic so that kinetic and equilibrium 
factors are of principal importance; in the second case, enthalpy 
changes accompanying the reaction are of equal importance with 
kinetic factors. 

The oxidation of nitrosyl chloride with air or oxygen offers a 
possible method for separating this compound into chlorine and 
nitrogen dioxide. The gas-phase reaction 

2NOC1 + 02 = 2 NO 2 + CI 2 (12.1) 

might be expected to proceed more rapidly with increasing tem- 
perature, but, since the reaction is exothermic, the equilibrium 
is shifted to the left with increasing temperature. Furthermore, 
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since the reaction, as written, involves no volume change other 
than the association of NO 2 to N 2 O 4 at low temperatures, the 
equilibrium is not appreciabl}^ altered by pressure changes. 

In the absence of definite experimental information regarding 
the mechanism of the homogeneous reaction, it is diflacult to 
estimate the magnitude of the effect of increased pressures 
on the rate of the reaction. If the mechanism of the oxidation 
involved the intermediate formation of nitryl chloride, thus, 

2NOa + 02 = 2NO2CI, (12.2) 

followed by 

2NO2CI = 2NO2 + CI2, ( 12 . 3 ) 

and, if reaction (12.2) were the rate-controlling step, the rate 
would be expected to increase rapidly with pressure due to the 
increasing concentrations of the reactants and the fact that the 
rate is a function of the third power of the concentrations. How- 
ever, since Schumacher and Sprenger^ have measured the rate of 
decomposition of NO 2 CI at lOO^C., it does not seem reasonable 
to postulate the primary formation of this compound at still 
higher temperatures. An alternative mechanism which presents 
no such obvious objections is offered by the following set of 
simultaneous reactions: 

2N0C1 - 2N0 + CI 2 , (12.4) 

2N0 + 02 = 2 NO 2 . (12.5) 

This mechanism has the additional advantage that reliable 
data are available on the rate constants of the two pairs of 
opposing reactions consequently, it is possible to discuss, in an 
approximately quantitative way, the effect of temperature, 
concentrations, and pressure on the rate of the over-all oxidation 
reaction (12.1), in advance of actual experimental data. Such 
calculations may be of considerable assistance in deciding upon 
the most economical conditions of pressure and temperature 
under which to operate and the economics of the use of 0 2 vs. air 
for oxidation- The procedure is discussed in illustration 1, 

2. Estimation of Converter Size in the Oxidation of NOCl. 
Illustration 1. — Estimate the size of converter required to 
oxidize NOCl with air at 300^0. and 5 atm., to within 80 per cent 
of the equilibrium value. The nitrosyl chloride is to be fed to the 
converter at the rate of 1 pound mole/ (hr.) (sq. ft.) of converter 
cross section. 
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Solution . — The reactions 


2XOC1 = 2NO + CI 2 (12.4) 

2X0 +02 = 2 XO 2 (12.5) 

are assumed to take place simultaneously and independently of 
each other with specific reaction velocities equal to those deter- 
mined for the two separate reactions. The reaction rate con- 
stants for the XOCl decomposition and formation given by 
Welinsky and Taylor^ w2l be used, and the Bodenstein^ constants 
will be employed for the rate of X'O oxidation. At 300°C., these 
authors give the following values for the required rate constants: 

ki (NOCl decomposition) = 10.1 * 10®, cc./(mole)(sec.). 
hi (NOCl formation) = 25.3 • 10®, cc.V(niole“)(sec.). 

^2 (NO 2 formation) = 1.13 * 10^ l-/(niole equiv.-) (sec.). 


For computations on a constant-pressure system, these con- 
stants are more conveniently employed in pressure units, with 
time in hours. Substituting 

(NOCl) = ^ (12.6) 

in 


hi = 


1 

(N0C1)2 


d(NOCl) 

dt 


(12.7) 


where (NOCl) represents the concentration in moles per cubic 
centimeter, shows that 


dPi^oci 

dt 




( 12 . 8 ) 


Thus, in order to convert hi in concentration units to atmos- 
spheres, it is necessary to divide by RT] to convert to time in 
hours, to multiply by 3,600. That is, (43.9/r)(fci) is the 
required rate constant in practical units. In a similar manner it 
may be shown that hi divided by {RTy equals the rate of forma- 
tion of NOCl in pressure units, or, in practical units, the constant 
is (0.534/r)(fcx0. 

In the case of the Bodenstein oxidation constants, the factor 
for converting from concentration to pressure units is 1/2B^T^, 
because the NO concentration is expressed as one-half the moles 
of NO per liter. The rate constant in practical units is therefore 
(2.67 • 10VT2)(fc2). 
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In order to obtain the specific reaction rate for the decomposi- 
tion of NO 2 , the relation K = k^/k^ is employed, where K is the 
equilibrium constant for the reaction 


2NO +02 = 2 NO 2 . (12.9) 


The equilibrium constant for this reaction at 300°C. may be com- 
puted from Giauque and Kemp’s"* values for the and 

AH’s of these compounds at 25°C. and^the relation 

d{^= - ^dT. ( 12 . 10 ) 

The heat capacities of NO and O 2 are given by Kelley as 

NO: Cp = 8.05 + 0.233 • IQ-^T - 1.56 * (12.11) 

O 2 : Cp = 8.27 + 0.258 • lO'^T - 1.877 • lO^T-^; (12.12) 

and the following frequencies used by Giauque and Kemp may be 
employed to compute the heat capacity of NO 2 by the method of 
Sec. 5, Chap. VII: 

coi ~ 641 cm.~S* 0)2 = 1,373 cm.“\’ 053 = 1,615 cm.”^ 


Temperature, °K 300 500 700 900 

C'„cal./mole 9.08 10.51 11.60 12.30 


On the basis of these heat capacities, ACp for reaction (12.9) is 
small — of the order of —2.0 cal. in the range 25 to 300°C. ; 
consequently, 


AH = -26,530 - 2.0r (12.13) 

and 

AF° = -26,530 + 4.61 r log T + 21.4^. (12.14) 


At 573“K., log K = 2.65 and K = 447. 

The above data are now adequate for computing the rate con- 
stants for the four reactions indicated by Eqs. (12.4) and (12.5) 
at 300°C. 


h 

hi 

hi' 


- 7.74 ■ 10>. 

0(6 

25.3-10^(0.534) ^ 

573=* 

0.916 • 10^. 

hi _ 0.916 • 10* _ ^ 

K ~ 0.447 • 10* ~ ^ 
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In order to apply these four constants, consider an empty 
cylindrical reactor of 1 sq. ft. in cross section and of unknown 
height hj into which 1 lb. mole of NOCl, plus 2.5 lb. moles of air 
at 5 atm. are fed per hour. The following material balance 
conditions may be set up for steady conditions of operation: 

(1) Pound moles XOCl leaving converter per hour = pound 
moles NOCl entering per hour — pound moles NOCl 
decomposed per hour by (12.4). 

(2) Pound moles O 2 leaving converter per hour — pound moles 
O 2 entering per hour — pound moles reacted per hour by 
(12.5). 

These conditions are expressed by meafls of the equations 


n/(l — x) = 
no®(l — ^) = no"" 



(12.15) 

(12.16) 


where x represents the fraction of the entering (nn®) moles of 
NOCl decomposed, y represents the fraction of the entering (no®) 
moles of O 2 reacted, and the integrals are to be computed over 
the converter volume V, 

Let 2o = pound moles NOCl + O 2 + N 2 entering the converter 
per hour (assumed constant throughout converter) . 

P = total pressure in atmospheres. 

T — temperature of converter in degrees Kelvin (assumed 
constant throughout). 

Then, if the ideal gas laws are assumed for this gas mixture, the 
time spent by the gas in the element of converter volume dF is 

= W ^^2.17) 


Substituting Eq. (12.17) in (12.15) and (12.16) and differentiating 
yield 


odx / dNOClX P 

dh \ dt ) 


(12.18) 



(12.19) 


The coefficients in parentheses representing the rates of 
decomposition of NOCl and consumption of O 2 may be evaluated 
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in terms of the known kinetic equations for reactions (12.4) and 
(12.5). Thus, according to Welinsky and Taylor, the net rate of 
decomposition of NOCl is given by the equation 


- - Ai'PlsoPa., (12.20) 

ot 

and, according to Bodenstein, the net rate of NO oxidation is 



I 

o 

— A^2jPnO"Po2 

— 1^2 P SOi‘ 

(12.21) 

But 






— 

dP^O cy 

dt ^ 

dPoi 

dt 

(12.22) 

and, therefore. 






dPo. 

dt 

-- ^P^oPo.. 

^ 2 p2 

- -y P NO. 

(12.23) 


Substituting the following values for the individual partial 
pressures in Eqs. (12.20) and (12.23) 


gives 

dx 

ft 


no°P dy 
~dt 


P.Noci = n„°(l — x)^, 

(12.24) 

Pmo = {nn°x — 2n°y) 

(12.25) 

O 

!l 

o 1 

(12.26) 

Po. = no^(l y) 

2/0 

(12.27) 

p 

Pno2 “ 2no°y 

2/0 

(12.28) 

>p\2 

-) (1 - X)^ 



— ^^^nn°inn°x — 2no°yyx, (12.29) 


||^n„>„“a:-2na»y)^(l -2/) 

- 2fe' (^y V-- (12.30) 


aNOCl _ an„°(l - x) 
Ot dt 


Since 


to 

dt 


(12.31) 
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aOz _ dno°(l — y) _ ^ o^V 
dt dt “ dt’ 


(12.32) 


it follows that 


aNOCl _ h(n^°y-P 


(1 - xy 


and 

aOs _ fciP^no'’ 
dt 2X0- 


n„°(n„°a; - 2no°2/)% (12.33) 


{n„°x — 2no°2/)*(l — y) 


2k^'P(no°y 


y^. (12.34) 


Let To = ratio moles XOCl to O 2 entering the converter and 
substitute (12.33) and (12.34) in (12.18) and (12.19), respec- 
tiveh'. Then 


where 


g = Ci(l - xy - C^irox - 2yyx, 
^ = Cziri^x - 2y)“(l - y) - Ciy^ 


(12.35) 

(12.36) 


^ ^ ^ _ WP^{No°y 

“ SoPr ’ * “ 2Soii;r ' 

^ kzPKNoT n - 2fci'PWo° 

“ 2SoPr ’ ' SoPr ’ 

and Nn and iVo® are the inlet mole fractions of NOCl and O 2 , 
respectively. 

The equilibrium x and y corresponding to any set of operating 
conditions may be computed from (12.35) and (12.36) by noting 
that, at equilibrium, 

dx _ dy A. /lo QT^ 


dh dh ' 

consequently, Eqs. (12.35) and (12.36) simplify to 

Cl _ (rox — 2yyx 
C 2 "" (1 - xy 

Cz y^ 

= (roX - 2 y)\\ - y) 


(12.37) 


(12.38) 


and 


(12.39) 
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Equations (12.38) and (12.39) may be solved for x and y by trial 
and error when the constants corresponding to the given condi- 
tions have been computed. The necessary rate constants are 
given above and, in addition, So = 3.5, P = 5 atm., T — 573°K., 
= 0.286, Na° = 0.143, n = 2, and 


R = 1.315 cu. ft.-atm./deg. C.; 

therefore, 

Cl = 2.10 Co = 1.99 
Co = 4.44 Ci = 0.0556. 

At equilibrium. 


0.264 


(x — y)-x 

(1 - xY- 


319.2 


y- 

{x - yY{l - y)’ 


(12.40) 

(12.41) 


and by trial-and-error solution, it is found that 85 mole per cent of 
the NOCl will be decomposed and 76.5 per cent of the Oo will be 
consumed at equilibrium. Thus a small, unimportant increase 
in volume occurs owing to incomplete oxidation of the NO. 

In order to apply Eqs. (12.35) and (12.36) to the computation 
of converter volume, simple stepwise numerical integration wOl 
be resorted to, since it is doubtful whether this pair of simul- 
taneous differential equations possess an analytical solution. It 
will be necessary to assume a small extent of reaction in the 
preheater used to heat the reaction mixture up to 300° C., before 
entering the converter. Assuming xo = 0.10 and ya = 0.02, the 
problem is to compute the converter height required to attain 
X = 0.80(0.85) = 0.68. 

The equations for numerical integration are 


^ = 2.10(1 - xY - 7.96(x - yYx. (12.42) 

^ = 17.76(x - yYO- -y) - 5.56 ■ lO'V. (12.43) 


When h = 0, Xo — 0.10, yo = 0.02, 



= 2.1(0.81) - 7.96(64)10-^0.1) = 1.70 - 0.005 = 1.695. 
= 17.7(64)10-^(0.98) - 0 = 0.111. 
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At a distance 0.02 ft. above the base of the converter 

aro.o2 = 0.10 + 

1/0.0. = 0.02 + Ah 
The rates of change of x and y at this point are, then, 


= 0.10 + 1.695(0.02) = 0.134. 
= 0.02 + 0 . 111 ( 0 . 02 ) = 0 . 0222 . 



= 2.1(0.866)2 - 7.96(0.112)2(0.134) = 1.564. 
= 17.76(0.112)2(0.978) = 0.218. 


If an average of the initial and final rates is used for this 
interval, the values of xo .02 and 2 / 0.02 become 


3^0.02 = 0.10 “h 
2/0.02 = 0.02 + 



Ml = 0.10 + 1.63(0.02) = 0.133. 



Ml = 0.02 + 0.165(0.02) = 0.023. 


A comparison of the two pairs of values for a; and y shows that 
the values computed from the initial rates do not differ greatly 
from those based on the average of the rates at the beginning 
and the end of the interval, and hence initial rates with .small 
intervals will be employed for carrying out the integration. The 
results of these calculations are summarized in Table 1. It 
should be noted that values for dxjdh and dy/dh represent the 
rates at the beginning of the indicated interval and were used to 
compute values for z and y at the end of the indicated interval. 
In all cases the recorded values of x and y represent the values 
of these variables at the total height indicated by the figure 
in the same row with any pair of values of x and y. 

Examination of the figures in Table 1 shows that a converter 
having a volume of about 1.25 cu. ft. should effect the required 
oxidation. The accuracy of this estimate depends to a large 
extent on the soundness of the assumed mechanism and the 
applicability of the low-pressure reaction-rate constants to a 
pressure system. The uncertainties introduced by applying 
reaction-rate constants, obtained on static systems, to flow sys- 
tems are also present but unavoidable. Furthermore, the assump- 
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tion of no catalytic effects due to the walls of the converter may 
or may not be reliable. On the whole, a computation of this sort 
is probably accurate to within the customary engineering factor 
of safety, and the extension of the method to a wide variety of con- 
ditions of temperatures, pressures, and concentrations should lead 
to results of correct comparative significance. 


Table 1.— The Rate op Oxidation op NOCl at 300°C. and 5 Atmosphere 

Pressxjre 


Interval 

! 

A/i, (ft.) 

Total 
height, ft. 

1 

dx ! 

Ih 1 

dy 

dh 

Fraction 
NOCl de- 1 
composed, 
X 1 

Fraction 
O 2 con- 
sumed, y 

1 

0.02 

0 

0.02 

1 

1.630 

0.165 

0.100 

0.133 

0.020 

0.023 

2 

0.02 

0.04 

1.562 

0.210 

0.164 

0.027 

3 

0.02 

0.06 

1.445 

0.324 

0.193 

0.033 

4 

0.02 

0.08 

1.331 

0.440 

1 0.220 i 

0.042 

5 

0.02 

0.10 

1.223 

0.539 

0.245 

0.053 

6 

0.04 

0.14 

1.122 

0.620 

0.290 

0.078 

7 

0.04 

0.18 

0.956 

0.736 

0.328 

0.107 

8 

0.04 

0.22 

0.823 

0.773 

0.361 

0.138 

9 

0.04 

0.26 

0.713 

0.759 

0.390 

0.168 

10 

0.04 

0.30 

0.630 

0.725 

0.415 

0.197 

11 

0.10 

0.40 

0.560 

0.674 

0.471 

0,264 

12 

0.10 

0.50 

0.426 

0.555 

0.514 

0.320 

13 

0.10 

0.60 

0.342 

0.450 

0.548 

0.365 

14 

0.20 

0.80 I 

0.283 

0.372 

0 . 604 i 

0.439 

15 

0.20 

1.00 

0.198 

0.261 

0.644 

0.492 

16 i 

0.25 

1.25 i 

0.148 ! 

0.196 

0.681 

t 

0.541 


The time of detention corresponding to the estimated con- 
verter volume and gas flows is 


1.25 • 3,600 • 5 
““ 3.5 • 1.315 • 573 


8.5 sec. 


The preceding illustration demonstrates a quantitative 
approach to one class of industrially important reactions, i,e., 
oxidation processes. The fact that the reaction considered is one 
of the simplest oxidation reactions known does not detract from 
its value for illustrative purposes. Of much greater importance 
is the oxidation of hydrocarbons to various oxygenated products 
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of commercial value. In this case, unfortunately, the reaction 
S 3 ’stems are so complex, from both the chemical and the physical 
standpoints, that practically no data on specific reaction-rate 
constants of the individual reactions involved are available. 
Since most of these processes require careful control of tem- 
peratures and concentrations in order to obtain maximum 
efficiencies, it is apparent that such data, coupled with reliable 
data on heat interchange, 'would be of great value in designing 
suitable converters for carrying out oxidation reactions. 

A second class of important reactions to be considered is the 
decomposition of hydrocarbons to produce a variety of lighter 
molecules of value in industrial organic syntheses. Here, too, 
only the simplest systems can be treated owing to the paucity of 
fundamental kinetic data. Owing to the large temperature 
gradients involved, it is necessary to consider rates of heat 
transfer, as well as rates of chemical reactions in the converter. 

3. Design of ‘‘Cracker’’ for Thermal Decomposition of 
n-Butane. Illustration 2. — ^Ethylene and propylene may be 
produced by thermal decomposition of n-butane. Assuming 
that butane is to be cracked by passage through a tube heated 
externally by means of a large excess of hot gases at 560°C., 
estimate (a) the size of the tube required 'to effect 25 per cent 
decomposition of the butane and (5) the composition of the exit 
gases, under the following operating conditions: 

1. Temperature of butane entering tube = 510°C. 

2. Internal diameter of steel tube = 3.548 in., external = 4.00 
in. 

3. Operating pressure = 1 atm. 

4. Mass velocity through tube = 101 lb./(hr.)(sq. ft.). 

Solution. — a. The results of the investigations of Echols and 

Pease® on the kinetics of the decomposition of n-butane will 
be used as a basis for computation. According to these authors, 
the rate of decomposition of n-butane in a potassium chloride 
coated bulb is expressed by the semiempirical equation 

- ^ + p , (12.44) 

at Jr os — X JB 

where Pqb represents the initial pressure of butane and Pb the 
instantaneous pressure of butane. The constants fci and have 
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the following values when the pressures are expresssed in milli- 
meters of mercury" and the time in minutes: 


Temperature, °C. 

ki ‘ 10^ 



• W 

480 

0.642 

0.182 

490 

1.043 

0.338 

500 

1.80 

0 625 

510 

2 85 

1.126 

520 

4.50 1 

1.95 

535 

8 30 

4.77 


Under the assumed conditions of this problem, a substantial 
temperature gradient will exist between the reacting gas and the 
tube wall; therefore it is necessary to set up two differential 
equations, expressing the gas temperature T and the butane 
pressure Pb as functions of tube height h. This may be done 
by means of the following material and enthalpy balances: 

(1) Pound moles butane leaving tube per minute = pound 
moles entering per minute — pound moles decomposed per 
minute. 

(2) Enthalpy gained by materials leaving tube per min- 
ute = enthalpy gain due to temperature increase of butane 
+ enthalpy gain due to chemical reactions. 

Since in a constant-pressure process the enthalpy increase equals 
the heat absorbed, the left-hand member of (2) must be equal to 
the total heat transferred through the walls of the tube to the 
reacting gas. 

The treatment of conditions (1) and (2), in order to obtain the 
necessary differential equations, follows the procedure discussed 
in illustration 1. Let no represent the pound moles butane 
entering the base of each tube per minute and x the fraction 
of the inlet butane decomposed at any height h above the base 
of the tube. The partial pressure of the undecomposed butane 
at the height h is then given by the equation 

( 12 . 45 ) 

where P equals the total pressure on the tube in millimeters of 
mercury. This equation is based on the assumption that the 
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following three reactions are the only reactioris occurring in 
the tube: 


( 1 ) C 4 H 10 = CH 4 + CsHo. (12.46) 

(2) C4Hio = C 2 H 6 + C 2 H 4 . (12.47) 

f3) C 4 H 10 = H». + C 4 H 8 . (12.48) 


Differentiation of Eq. (12.45) yields 

dt “ (1 + xy- df 

Substitution of Eqs. (12.45) and (12.49) in (12.44) gives 

^ pj.i(l + x)5Hl - ^)"-° + — - (12.50) 

In accordance with the material balance condition, 

no(l - x) = no - dt, (12.51) 


where —dBldt represents the total moles of butane decomposing 
per minute at the height h, and dt equals the time spent by the 
gas in the element of volume dV where the gas temperature is T. 
If iS is the cross-sectional area of the tube in square feet, then 


dt 


PSdh 

no(l -j- x)Ji7 


Substitution of this e.xpression in Eq. (12.51) and differentiation 
yield 


dx dB\ PS 

dh dt [no(l + x)RT_ ' 


(12.52) 


Since {dB/d() 
follows that 
dx 
dh 

where 


■-n(i{dx/dt) and dx/dt is given by Eq. (12,50), it 
/CifcA (1 - xY^^^ (C.h,\ (1 ^ 


Ci = 


(1 + x) 

S^ 

2noR 


C,= 


SP 

iUnR 


Equation (12.53) is the first of the required equations. The 
second may be obtained from the enthalpy increase as follows: 
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The total heat transferred per minute to the gas over the entire 
tube is obviousl}' given by the relation 

H dA = £ U{T, - T)dA, (12.54) 

where BQ/dA represents the centigrade heat units transferred per 
minute per square foot through the element of tube surface dA 
located at the height h, where the gas temperature is T, and the 
temperature of the hot gases outside the tube is Te- U repre- 
sents the over-all coeABicient of heat transfer from the gases at 
560°C. to the flowing hydrocarbon gases in the tube. It is, 
itself, a function of the gas temperature, composition, and flow, 
and hence a function of the tube height. In order to simplify 
these computations somewhat, it will be assumed that the major 
resistance to the flow of heat is offered by the gas film lining the 
inner wall of the tube. Since the rate of heat consumption is 
low, and the hot gases are in large excess, it is reasonable to 
assume that the tube wall is also at 560®C. The problem of 
computing the rate of heat transfer to the butane then depends 
on the evaluation of the heat transfer through the gas film of 
conductivity h/j neglecting radiation transfer. The total heat 
transferred through the tube per minute is, therefore, 

Q = rDfi hf(Te - T)dh. (12.55) 

The estimation of the gas-film coej0&cient hf for the gases in 
question is uncertain. The Reynolds number (see Chap. XVII) 
for the specified flows is estimated to be about 600; therefore the 
flow through the “cracker” is essentially viscous. The film 
coefficient may be roughly estimated for viscous flow in circular 
pipes by means of the following empirical relation, given by 
Walker, Lewis, McAdams, and Gilliland:® 



where D = pipe diameter in feet. 

w = pounds of gas per hour through pipe. 

Cp = specific heat of gas in C.h.u. per pound per degree 
centigrade. 

k = thermal conductivity of gas. 
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L == length of pipe in feet. 

hf = film conductivity in C.h.u. per hour per degree 
centigrade per square foot. 

Substitution of D = 0.296, w — 6.96, Cp = 0.79, and k = 0.045 
gives the following equation for hf, as a function of L: 


. 0.021 


(12.57) 


where hf now represents the centigrade heat units transferred per 
minute per degree centigrade per square foot. The value of k 
has been based on the estimated viscosity of butane and its 
specific heat at these temperatures. 

The following values have been computed for A/, at the indi- 
cated heights in the tube: 


hyit 1 3 5 7 9 50 325 

hf 0.021 0.0146 0.0123 0.011 0.0101 0.0057 0.003 


The foregoing data, although rough, are adequate for esti- 
mating Q, the heat transferred to the reacting gases per minute, 
which is equal to the enthalpy gained by the reactants, as 
expressed by the equation 

Q = no C^dT + '2^ (12.58) 

In this equation, the integral term represents the increase in 
sensible heat of the butane entering the tube at To and leaving 
at T. This item may be evaluated by estimating the molar-heat 
capacity of n-butane, in the temperature range of interest, to be 

Cp = 6.84 -h 0.050r. (12.59) 

In order to evaluate the enthalpy increment ('ZAMr) accom- 
panying the decomposition reactions, it is necessary to make some 
assumptions regarding the relative extents of occurrence of 
reactions (12.46) to (12.48). According to Echols and Pease, the 
ratios of reactions (1) : (2) : (3) on page 255 were found to be as 
10:4:1 at 520°C., at 25 per cent decomposition. In the absence 
of any definite mathematical relationship by means of which 
these ratios could be computed, it will be necessary to assume 
that these same ratios apply under the conditions of this problem. 
Thus, if X represents the over-all fraction of butane decomposed, 
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then the fraction decompoised by reaction (12.46) is ^ 3 '^; by 

(12.47), Kax; and by (12.48), x/15. 

The standard AH’s of formation of the compounds involved 
at 298. 1°K. are as follows: 


Compound Affaas.x cal. 

CH 4 -17,870 

CaHi +12,590 

C 2 H 0 -20,195 

CsHc +4,785 

n-CMt ' +400 

n-C 4 H,o -29,755 

The corresponding heats of reactions (12.40) to (12.48) are, 
therefore, 

(12.46) : AHin.! = 16,670 cal. ACj, 0 

(12.47) : AH^n-i = 22,150 cal. ACp csi 0 

(12.48) : AHin.i = 30,155 cal. ACp +5 

ah = 28,670 + 5T. (12.60) 


Substitution of these data in (12.58) yields the equation 
Q = no r (6.84 + OMTjdT + Mwox(16,670) + K5noa:(22,150) 

J To 

+- K5nox(28,670 + m 
or 

Q = no (6.84 + 0.05T)dT + (^18,910 + nox. (12.61) 


Equating (12.55) and (12.61) yields 

tD ( hf(Te - T)dh = no r (6.84 + 0mT)dT 

JA jTo 

910 + a: (12.62) 

which, when differentiated, gives 
TDhfiT^ - T)dh = no(6.84 + 0.05r)dr 

+ no (^18,910 + ^dx + ^ xdT. (12.63) 

Simplification of Eq. (12.63) yields the following desired 
differential equation for computing the change of gas tempera- 


+ no ( 18, 


(■ 
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dT 

TDhf 1 

^ T. - r \ 

56,730 + T 

c. 

dh 

”” no ' 

>^6.84 + OMtJ 

3(6.84 4- 0.051’) 

\> 


(12.64) 


Equations (12.53) and (12.64) may now be employed to obtain 
an approximate solution of the given illustration by the method 
of simple numerical integration used in the previous illustration. 
The various constants appearing in these two equations have the 
following values: 

S = 0.0687 sq. ft. R = 1,000 cu.ft.-mm./deg. C. 

D = 0.296 ft. Te = 560 + 273 = 833°K. 

P = 760 mm. Ci = 357. 

no = 2 - 1 0“® pound mole/min. Ci = 6.53. 

Substituting these values in Eqs. (12.53) and (12.64) jdelds 

dx f357k-,\ (1 - x)i-5 , f 6 Mk 2 \ (1 - xy- ^ 

Th = \nr) a +"x)- + v^) 

dT { SZZ - T \ 56,730 + T { dx\ 

dh ~ ^ ^ V6-84 + Q.ObTj 3(6.84 + O.OST) \dh/ 

( 12 . 66 ) 


The appropriate values of ki, ki, and A/ to be substituted in these 
equations may be obtained by interpolation from the previously 
recorded values of these constants. 

At the entrance to the tube, h = 0, h/ — 0.021, T = 783°K., 
fci = 2.85 • 10“^, and fcj = 1.126 • 10“^; therefore 


dx 

dh 

dT 

dh 


= 1.30 • 10-* 


,-4(1 


1.5 

^ + 9.40 


= 9.80 


(1 + x)®-5 

/ 833 - r \ 
V6.84 + 0.05 r/ 


10 


,-7(1-^= 


56,730 + T 
3(6.84 + 0.05 T) 


If the butane is assumed to be cracked to the extent of 1 per cent 
at the entrance to the tube, then 


and the values of x and IT at a distance 0.5 ft. above the base 
of the tube would be approximately 


a:o.5 = 0.01 + 2.24 • 10-*(0.5) = 0.0101. 
To.s = 783 + 10.6(0.5) = 788.3°K. 
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The corresponding slopes at this point, as calculated from the 
equations 


= 1.58 • 10- 


(1 - (1 - 
(1 + x)o-^ + a: 


= 9.80 


833 - 788 
46.2 


f— ^ =2 

\dh / 0. 5 


\ _ 57,518 
) 139 \dh)’ 

0 -^ (^') = 9.4 

\ all / 0,5 


82 * 10” 


The values of x and T at a distance 1 ft. above the base of the 
tube are, consequently, 

rci = 0.0101 + 2.82 • 10-^(0.5) = 0.0102. 

Ti = 788.3 + 9.42(0.5) = 793.0°K. 

Proceeding in the above manner, the values for x and T, 
recorded in Table 2, have been computed as a function of h. 
Table 2. — The Thermal Decomposition op w-Butane at 510 to 554°C. 


Interval 

Ah, ft. 

Total 
height, ft. 

(S) 

dT 

dh 

Fraction 
butane de- 
composed, 

X 

Tempera- 
ture of 
butane, 
“C. 



0 



0.01 

510.0 

1 

0.5 

0.5 

2.24 

10.60 

0.0101 

515.3 

2 

0 5 

1.0 

2 82 

9.42 

0.0102 

520.0 

3 

0.5 

1.5 

3.64 

6.55 

0.0104 

523.3 

4 

0,5 

2 0 

4.30 

5.97 

0.0106 

526.3 

5 

1.0 

3.0 

5.13 

4.72 

0.0111 

531.0 

6 

1.0 

4.0 

6.28 

3.97 

0.0117 

535.0 

7 

2 0 

6.0 

7.64 

2.85 

0.0132 

540.7 

8 

2 0 

8.0 

8.79 

1.79 

0.0150 

544.3 

9 

2 0 

10.0 

10.2 

1.17 

0.0170 

546.6 

10 

5.0 

15.0 

10.2 

0 73 

0.0221 

550.3 

11 

5.0 

20.0 

10.6 

0.36 

0.0274 

552.1 

12 

20.0 

40 0 

10.6 

0.10 

0.0486 

554.1 

13 

20.0 

60 0 

9.10 

0 

0.0668 

554.1 

14 

20.0 

80.0 

8.29 

0 

0.0834 

554.1 

15 

20.0 

100.0 

7.72 

0 

0.0988 

1 554.1 

16 

50.0 

150.0 

7,28 

0 

0.1352 

554.1 

17 

50.0 

200.0 

6.53 

0 

0.1679 

554.1 

18 

50.0 

250.0 

5,95 

0 

0.1977 

554.1 

19 

50.0 

300.0 

5.49 

■ 0 

0.2252 

554.1 

20 

50.0 

350.0 

5.10 

0 

0.251 

554.1 

i 
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Reference to Table 2 shows that a tube 350 ft. long would be 
required to decompose 25 per cent of the butane, at a mass 
velocity of 101 lb./(hr.)(sq. ft.). It will be noticed that, with 
the converter wall maintained at 560°C., the entering gas attains 
a temperature of 554®C. within 40 ft. and remains substantially 
constant at this temperature from there on. The temperature 
gradient of 6 deg. between the tube wall and the gas is just 
sufficient to permit enough heat to flow into the gas to supply the 
enthalpy increment required by the endothermic decomposition 
reactions. 

6. The gases leaving the converter would have the following 
approximate composition : 


Compound 

Mole Fraction 

C 4 H 10 

0.5980 

C.Hs 

0.0133 

CaHfi 

0.1338 

C 2 H 6 

0.0535 

C 2 H 4 

0.0535 

CH 4 

0.1338 

H 2 

0.0133 


The foregoing computed composition, as previously mentioned, 
has been based on the assumption that the ratios of reactions 
(12.46) to (12.48) at these temperatures were the same as those 
given by Echols and Pease for 525°C. Since the average tem- 
perature of the converter is not very different from this tem- 
perature, and since these ratios do not change too rapidly with 
temperature, the foregoing composition should be a good approxi- 
mation to the actual composition for the specified operating 
conditions. 

In view of the large size of converter required to produce only 
25 per cent decomposition, it would appear that the production 
of ethylene and propylene by decomposition of n-butane at 
temperatures around 550°C. is not a promising procedure. 
Although the rate of decomposition would increase rapidly at 
still higher temperatures, the experimental evidence indicates 
that butene formation is favored over the formation of ethylene 
and propylene at higher temperatures. The formation of 
carbon, butadiene, and tars would also be favored by elevated 
temperatures. 
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The method of simple numerical integration, employed in this 
chapter to solve systems of simultaneous differential equations, 
will be used frequently in solving practical problems in this 
monograph. In view of the many assumptions made in setting 
up these equations, the use of the more accui'ate and elaborate 
integration procedures described in the standard textbooks of 
differential equations would hardly seem to be warranted. In 
general, the accuracy of simple numerical integration is adequate 
for most engineering computations and is considerably more 
accurate than the use of various types of averages employed in 
engineering work. 

References 

1. Schumacher and Sprenger: Z. physik. Chem,, 12B, 115 (1931). 

2. Welinsky and Taylor: J. Chem. Phys., 6, 466 (1938). 

3. Bodenstein: Z. physik, Chem.j 100, 87 (1922). 

4^ Giauque and Kemp: /. Chem. Phys.y 6, 40 (1938). 

5. Echols and Pease: J. Am. Chem. Soc., 61, 208 (1939). 

6. Walker, Lewis, McAdams, and Gilliland: “Principles of Chemical 

Engineering,^^ p. 125, McGraw-Hill Book Company, Inc., New York, 
1937. 



CHAPTER XIII 
GAS ABSORPTION 


1. General Considerations, — ^The design of units used for the 
absorption of gases in liquid mediums or the stripping of gases 
from liquid solutions is based on the concept that the major resist- 
ance — andj therefore, the factor controlling the rate of transfer 
of material between the gas 'and liquid phases — is the presence 
of a more or less stationary film of material on both sides of the 
gas-liquid interface. Since these films are assumed to be prac- 
tically stationary, transfer of matter through these regions can 
take place only by diffusion; hence the quantitative treatment of 
absorption problems resolves itself into the application of the 
laws of diffusion to the transfer of matter through these two 
films. 

The results in the case of a single dilute gas diffusing through a 
stagnant layer of a second gas are particularly simple. In brief, 
the rate of diffusion of the absorbable component through each 
film, expressed as pound moles per unit time per unit area of 
interface, is given by an expression of the form 


dZ 

dA R' 


(13.1) 


where AP is the driving force or concentration gradient across 
each film responsible for diffusion, and B represents the resistance 
of each film to diffusion; dA is the area of interface through which 
dZ pound moles are diffusing per unit time. The reciprocal 
of the resistance may be replaced by the conductivity k; thus, 

'It is sometimes convenient to employ the usual liquid-phase 
concentration units to evaluate concentration gradients across 
the liquid film but, when Henry’s law may be assumed, it is more 
convenient to express the diffusion potentials as partial pressures 
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in atmospheres. When steady-state conditions have been 
established, the moles diffusing through the gas film per unit time 
equal the moles diffusing through the liquid film per unit time 
and, therefore, 

H (13.3) 

where h = Henry’s law constant (concentration per unit pres- 
sure). 

fc(£,) — gas-film absorption coefficient or conductivity. 
k(^i) = liquor-film coefficient or conductivity. 

= P(i,) — P(t) = difference between the partial pressure 
of absorbable constituent in gas phase and its pressure 
at the interface. 

AP( 2 ) = Pf,-) — P(z) = difference between the partial pressure 
of the absorbable constituent at interface and in the 
solution. 

The rate of mass transfer may also be expressed in terms of the 
total gradient across the two films and an over-all absorption 
coefficient. Thus 


g = X(,)(AP(,) + APu)). * (13.4) 


Substituting for the individual liquor- and gas-film gradients in 
terms of Eq. (13.3) gives the following relation between the 
over-all absorption coefficient and the individual film coefficients : 


1 




(13.5) 


In general, the resistance of both films must be considered, but 
in certain cases the resistance of one or the other film may be 
neglected. For example, if the absorbable constituent is very 
soluble in the absorbent (ammonia in water), h is large and .the 
second term on the right-hand side of (13.5) is negligible com- 
pared to the first and X(p) In this case, the gas-film 

resistance predominates and the absorption process is said to be 
gas film controlled. On the other hand, when the solubility 
of the absorbable constituent in the absorbent is low (CO 2 in 
H 2 O), the first term is apt to be negligible compared to the second 
and This is considered to be a case of liquor film 
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controlled absorption. The absorption of SO 2 in water is an 
example of absorption in which both liquor- and gas-film resist- 
ance are controlling. 

It has been found by experiment that the gas-film coefficient is 
approximately proportional to the 0.8th power of the mass 
velocity (linear velocity X density) of the gas in the turbulent 
flow region and practically independent of the liquor velocity. 
It decreases slowly with increasing temperature. The liquor- 
film coefficient is approximately proportional to the 0.6 — 1.0 
power of the liquor flow and independent of the gas flow. As a 
general rule, the liquor-film coefficient increases sharply with 
increasing temperature. 

As can be seen from Eq. (13.4), the over-all absorption coeffi- 
cient, K(^g), represents the pound moles of gas absorbed per unit 
area of interface per unit time per unit of driving force. When 
using over-all coefficients, the driving force for absorption must 
be evaluated at each level of the absorption umt by taking the 
difierence between the partial pressure of the absorbable con- 
stituent in the gas phase and its equilibrium pressure from the 
liquor, corresponding to the bulk liquor composition at that 
point. Since it is impossible to predict the effective interfacial 
area A of a given style of packing from its actual, geometrical 
surface, it is customary to lump the area factor with K(g) and 
express the coefficients on a volume basis. Thus 

dZ - KgaAPrdV, (13.6) 

In this equation dV represents an element of absorber volume, 
APt the total or over-all driving force, dZ the pound moles 
absorbed per hour in the section dV y and, therefore, Kga 
represents the pound moles absorbed per cubic foot per hour per 
atmosphere of driving force. 

The simultaneous absorption of two gases in dilute concentra- 
tions from a third, inert gas may be treated as two mutually 
independent absorption processes, when the respective Kga^s 
and driving forces are known. The theoretical treatment of 
simultaneous absorption and desorption is extremely com- 
plicated and difficult to treat in a concise fundamentally correct 
way. In this case, the apparent coefficients of both the absorbed 
and desorbed gas, when computed by Eq. (13.5), are considerably 
smaller than those computed when only desorption or absorption 
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takes place. This reduction in absorption rate is doubtless due 
to the increased mechanical resistance to diffusion, caused by 
collisions between molecules streaming through the film in 
opposite directions. Equation (13.5) may be employed for the 
design of large units in any of these cases when a few experimental 
values of Kga have been determined on a small-scale absorption 
unit, under roughly the same conditions of flows, temperatures, 
and concentrations visualized for the large unit. 

Thermochemical considerations are important in absorption 
problems from two standpoints. In the first place, since the net 
rate of absorption at any point in a tower is proportional to the 
difference between the partial pressure of the absorbable com- 
ponent in the gas phase and the partial pressure of that gas from 
the liquor phase at that point, a knowledge of equilibrium partial 
pressures is important in computing instantaneous rates, as well 
as the ultimate limits of absorption for a given gas composition. 
This occurs when = P(Z), for then AP equals zero. In the 
second place, since increasing temperatures act adversely on 
both the net driving force for absorption (by increasing Pi) and 
the absorption coefficient Kga — ^if the gas-film resistance is con- 
trolling — ^it is important that the rate of heat generation at each 
section of a tower is known in advance in order that adequate 
cooling facilities may be provided to prevent undue temperature 
increases. 

The method of attacking such problems is exemplified by the 
two illustrations in this chapter. In the first case equilibrium 
pressures from the absorbent may be assumed negligible from all 
but the most highly converted liquors; hence the problem of heat 
generation is of primary importance. In the second case the rate 
of absorption is at all times controlled by the difference between 
the gas-phase pressures and the solution pressures, and the rate 
of heat generation is also considerable. Furthermore, two 
essentially distinct approaches to the design of absorption equip- 
ment are illustrated by these two problems. The first case deals 
with the absorption of nitrogen oxides in dilute NaOH, at 
atmospheric pressure, in packed towers for which data are 
available in the literature for estimating Kga^s. On the other 
hand, the second problem deals with the absorption of nitrogen 
oxides in nitric acid at 5 atm. pressure. Since this operation is 
usually performed in bubble-cap columns, it is necessary to 
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introduce the concept of the perfect isothermal plate and treat 
absorption as a stepwise process, in which the gas and liquor 
leaving each plate are in equilibrium at the instant of separation. 

Since nitrogen oxides are very soluble in basic solutions, it 
might be anticipated in advance of actual experimental data 
that the rate of absorption of these gases is primarily gas film 
controlled. This ^conclusion is confirmed by the results of 
Chambers and Sherwood^ on the absorption of XO 2 in dilute 
XaOH solutions. Furthermore, as long as the absorbing solution 
remains basic, it is safe to assume the complete absence of any 
equilibrium oxide pressure exerted by the liquid phase at the gas- 
liquid interface; therefore the instantaneous rate of absorption 
at any point in the apparatus should be proportional to the oxide 
pressure in the gas phase at that point. The analysis of the 
performance of such a system from an equilibrium standpoint is 
therefore without -significance. In \iew of the large effect of 
temperature on the performance of an absorption unit, an 
accurate analysis of the enthalpy changes taking place at each 
level of the absorption unit is highly desirable. 

The effect of temperature on the performance of an alkaline 
absorption unit is twofold. In the first place gas-absorption 
coefficients usually decrease moderately with increasing tem- 
perature; in the second place the rate of oxidation of the NO 
decreases with increasing temperature, and consequently the 
NO 2 absorption drives decrease with increavsing temperature. 
For these reasons it is desirable to maintain as low temperatures 
as are consistent with economical heat interchange throughout 
the absorption system. 

The necessary equations for computing the chemical and 
thermal effects in an absorption unit may be derived from the 
fact that, at any point in a packed section, the following seven 
processes are taking place at definite rates: 

1. The oxidation of NO to NO 2 in the gas phase. 

2. The transfer of NO 2 from the gas to the solution phase. 

3. The transfer of NO from the gas to the solution phase. 

4. The generation of heat in the gas phase by reaction (1). 

5. The generation of heat accompanying the absorption of 
NO 2 and NO in NaOH. 

6. The transfer of sensible heat from the liquid to the gas 
phase or vice versa. 
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7. The transfer of water vapor from the liquid to the gas phase 
or vice versa. 

It can be shown that, when the initial quantities, compositions, 
and temperatures of the gas and liquor entering the section are 
specified, the system is completely determined at any point a 
distance h above the base of the unit if the following six variables 
are known: 

N == mole fraction of nitrogen oxides in the gas. 

M = mole fraction of O 2 in the gas. 

X = state of oxidation of the nitrogen oxides 

= NOs/CNO + NO 2 ). 

W = mole fraction water vapor in the gas. 

ig = temperature of gas. 

t = temperature of absorbent liquor. 

The problem is, therefore, to evolve a set of six simultaneous 
differential equations by means of which the above unknowns 
may be expressed as functions of h under conditions of steady flow. 

By assuming that heat interchange is effected by means of 
cooling coils installed between packed sections and that operation 
within a packed section is substantially adiabatic, the following 
material and heat balances may be set up : 

(1) Pound moles O 2 leaving section per hour = pound moles 
O 2 entering per hour — K pound mole NO oxidized per 
hour in section. 

(2) Pound moles oxides leaving section = pound moles oxides 
entering — pound moles oxides absorbed in section. 

(3) Pound moles NO 2 leaving section == pound moles NO 2 enter- 
ing — pound moles NO 2 absorbed + pound moles NO 
oxidized in section. 

(4) Total enthalpy of materials leaving section = total enthalpy 
of materials entering section. 

(5) Pound moles water vapor in gas leaving section = pound 
moles in gas entering + pound moles H 2 O vaporized from 
absorbent in section. 

(6) The instantaneous rate of transfer of sensible heat between 
liquor and gas at any point = the over-all coefl5.cient of heat 
transfer X the over-all temperature difference between the 
two phases. 

The foregoing six conditions may be set up algebraically in 
terms of known coefficients of NO oxidation, oxide absorption. 
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H 2 O evaporation, and heat transfer, and the enthalpies of the 
substances involved. These conditions may be converted to the 
desired differential equations, which may be integrated numer- 
ically by expressing V in terms of h and differentiating. How- 
ever, the labor involved in such a procedure is excessive because 
of the complexity of the equations so derived — particularly the 
equation deduced from the condition of constant enthalpy. 
The problem may be simplified somewhat by breaking the absorp- 
tion unit down into small sections (about 10 ft.) such that the 
contraction in volume of the gas and the change in humidity of 
the gas in any one section may be ignored. Furthermore, since 
gas-film absorption coefficients and the specific reaction rate 
constants for the oxidation of NO decrease slowly with increasing 
temperature, no great error should be introduced by estimating 
an average constant temperature for gas and liquor throughout a 
given section. Accordingly, the gross adiabatic temperature rise 
in any section may be computed from known heat capacities and 
the heat liberated by the following reactions: 

NO + KO 2 = NO 2 AH = -13,560. (13.7) 

NO 2 + NO + 2NaOH = 2NaN02 + H 2 O 

AH = -39,210. (13.8) 

2 NO 2 + 2NaOH = NaNOs + NaNOs + H 2 O 

ah = -50,950. (13.9) 

The apparent heats of formation of NaOH and NaNOs in 5 molal 
solution have been used to evaluate the foregoing approximate 
AH's for the absorption reactions. The B-R value for NaN02(<i«) 
had to be used in the absence of heat of dilution data for this 
compound. 

2- Absorption in Packed Towers, Illustration 1 . — A tower 
packed with 3-in. coke is to be used for countercurrent absorption 
of nitrogen oxides, in dilute sodium hydroxide solution, at 1 atm. 
pressure. The gas entering the tower at 25®C. has the following 
composition: 


NO 

NO. 

O2 

Ns 

H2O 


Pound moles/ (hr.)/ 
(sq. ft., ground area) 
0.476 
0.884 
1.08 
19.6 
0.66 
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Per square foot of ground area, 3,510 lb. of solution containing 
16.65 weight per cent NaOH {bm) are fed to the top of the 
column per hour. For illustrative purposes, consider a packed 
segment 4 ft, high and compute, 

а. The composition of the gas leaving the segment. 

б . The moles of NO 2 and XO absorbed and O 2 consumed. 

c. The nitrite-nitrate ratio in absorbent leaving the base of the 
section. 

d. The adiabatic temperature rise of the gas and liquor in the 
section. 

Solution . — The necessary differential equations may be derived 
from the foregoing material and heat balances (p. 268) as 
follows : 

Let no = pound moles NO + NO 2 in gas entering 1 sq. ft. of 
tower cross section (ground area) per hour. 

mo = pound moles O 2 in gas entering 1 sq. ft. of tower per 
hour. 

Wq == pound moles H 2 O in gas entering 1 sq. ft. /hr. (assumed 
constant). 

Ui = pound moles N 2 in gas entering 1 sq. ft. /hr. 

Xo = state of oxidation of gas entering tower. 

No = total mole, fraction oxides entering tower. 

Mo “ mole fraction oxygen in gas entering tower. 

Letters without subscripts represent the corif^sponding quantities 
at any height h, above the base of the section. 

In order to simplify the computations somewhat, it will be 
assumed that the association of the XO 2 to N 2 O 4 , at the con- 
centrations, temperatures, and pressures involved, may be 
neglected. Conditions (1-3) then become 



X 


dNOa 

dt 


dt 


n 


- - X 


KgaP^o^dV 


-X 


Kg'aP:,odV. 


nx = noXa 


- KgaP^odV + 


aNOs 

dt 


dt. 


(13.10) 

(13.11) 

(13.12) 


In the foregoing equations Kga and Kg'a, respectively, repre- 
sent the pound moles of NOj and NO absorbed per hour per cubic 
foot per atmosphere driving force of each gas. The integrals are 
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to be evaluated over the volume of the packed section under 
consideration. Differentiation of Eqs. (13.10) to (13.12) fields 

dm=-^^^dt. (13.13) 

z dr 

dn = -KgaPsodV - Kg'aP^odV. (13.14) 

xdn + ndx = -KgaP:^odV + dt. (13.15) 

ot 


Assuming that the contraction in gas volume in each individual 
section is negligible, then 


PdY _ Pfdh 

:SoRT XoRT' 


(13.16) 


where So = total pound moles gas entering base of given section 
per square foot per hour. 

R = 1.315 cu. ft. atm./deg. K. 

T = temperature, °K. 

P = total pressure = 1 atm. 

100/ = per cent free volume in packing. 

Substituting Eq. (13.16) in (13.13) to (13.15) yields 


dm _ Pf dN02 
Ih 2 'EqRT dt 

^ = -PKga{Nx) - PK'ga[N{\ - a-)]. 


dn , dx 


= -PKga(Nx) + 


Pf aNOa 
ZoRT dt 


(13.17) 

(13.18) 

(13.19) 


Substituting Eq. (13.18) in (13.19) juelds 



raNOsX 
V ) 

(13.20) 

From the Bodenstein equation for the rate of oxidation of NO 

in pressure units, 



dP'SOz __ 2E> 

dt 


(13.21) 

where Pno= = NxP = ^ xP. 


(13.22) 

Pno = N{1 - x)P. 


(13.23) 

Po, = MP. 


(13.24) 



272 APPLICATIONS [Chap. XIII 

Since d^Oi/dt = n(dx/dt), it follows from Eqs. (13.21) to (13.24) 
that 

= kP ^ Xo -^*(1 - ( 12 - 25 ) 

OZ 


Substituting Eq. (13.25) and mole fractions in Eqs. (13.17), 
(13.18), and (13.20) finally yields the required equations for 

computing the change of M, N, and x with tower height, 

« 

_ ^ = £.1 N^(l - xyM, (13.26) 

afi 45 

where 

_ ^ = CiNx + CaJVd - a:), (13.27) 

^ ^ PKga j ^ PK'ga, 

where 0% = — and Cz = — = — , 

ZfQ Z/Q 

~ = (Ca - C2)(l - x) + CiNU - x)m. (13.28) 


It should be noted that the development of Eqs. (13.26) to 
(13.28) is predicated on the 8issumption that the moles of NO 2 
present always exceed the moles of NO(rc > 0.50), since it is 
impossible to absorb NO without the absorption of an equivalent 
amount of oxidizing agent (NO2). 

In view of the possibility that this system of simultaneous 
differential equations may not possess an analytical solution, 
simple numerical integration will be used in order to obtain the 
desired data. 

Evaluation of Constants . — ^As explained in illustration 1, Chap. 
XII, the Bodenstein constants (Jcb), for the rate of oxidation of 
NO, may be converted to pressure units, with time in hours, by 
multiplying Tcb by the factor 3,600/2(0.08206)2r2^ 25°C., 

ks equals 2.88 • 10^; therefore, fc = 8.68 • 10^. 

The data of Chambers and Sherwood^ on the absorption of 
NO 2 in dilute NaOH in a wetted-wall absorption unit may be 
used to estimate Kga and Kg'a for a coke-packed tower, by the 
following procedure: 

According to simple kinetic theory, the gas-film absorption 
coefficient for a dilute component diffusing through a stagnant 
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kg 


D 

RTB" 


(13.29) 


where B is the film thickness and D is the diffusivity of the 
diffusing component in the mixture. Chambers and Sherwood 
compared the rate of absorption of NO 2 , from NO 2 — air mix- 
tures, in NaOH solution with the rate of evaporation of H 2 O 
into air from water in the same apparatus. At 25®C., they found 


BuzO 

B]siOz 


0.19 


in the region of turbulent flow; consequently 


kgCSO^) = kg(S.20) ^ (0.19). 


The ratio DnosZ-Ohjo in air may be estimated from the empirical 
equation for D, given by Sherwood. At 25® and 1 atm. this 
ratio has the value 0.64 and, therefore, 

kg{m2) = 0.12kg(E2O). 

Sherwood^'^*^^® gives the following equation for computing water 
coefficients in a tower packed with 3-in. coke: 

Kga = 0.23(?^-^ (13.30) 

where G represents the pounds of gas entering 1 sq. ft. of tower 
cross section (ground area) per hour. For the flows, specified 
in this problem, G = 651, and therefore Kga(H.20) = 41. The 
corresponding value for NO 2 should therefore be about 4.91. 
Coefficients computed from Eq. (13.30) have been based on 
absorption drives expressed as pound moles of absorbable con- 
stituent per pound mole of air. The value 4.91 must be adjusted 
to convert to absorption drives in atmospheres, giving about 5.1 
for the required KgaQ^O^)- 

In order to obtain an approximate value for Kg^a(NO), the 
relation given by Sherwood^'^^®^ for wetted-wall towers will be 
assumed to hold for the coke-packed towers; therefore, 


Kg'ajNO) ^ 
i(Lya(N02) \DifOi/ 


(13.31) 
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The ratio of diffusivities at 25°C. equals 1.20; hence 


Kg'aOsO) = l.llii:firo(X02). (13.32) 


The required NO absorption coefficient is approximately 5.7 lb. 
moles/(hr.)(cu. ft.)(atm.) NO driving force. 

The constants in Eqs. (13.26) to (13.28) may now be evaluated 
if a value of 50 per cent is used for the free volume in the coke- 
packed section. 


Cl = 




4.88. 


n _ PKga 

La 

n _ PKg'a 
Cs — — — 
2/0 


0.224. 

0.251. 


Substitution of these values in Eqs. (13.26) to (13.28) yields the 
required equations for performing the numerical solution of the 
problem: 

_ ^ = 2.44iV”-(l - xYM. (13.33) 

ah 

- ^ = J\r(0.251 - 0.027x). (13.34) 

^ = 0.027x(l -x)+ 4.88iV(l - x)m. (13.35) 


a. Equations (13.33) to (13.35) may be used to compute the 
composition of the gas leaving the 4-ft. segment as follows: The 
technique of simple numerical integration has already been 
demonstrated in Chap. XII. Starting with Mo = 0.0476, 
Nq = 0.06, and xq = 0.65, the rates of change M", N, and x are 
computed for A = 0. Thus, 

(S). 

The approximate values of M, N, and x at a distance 1 ft. above 
the base of the section are, therefore, 
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.¥i = 0.0476 -- 5.13 • 10“-5(1) = 0.04755. 
Ni = 0.060 - 1.4 • 10”-(1) = 0.0460. 
xi = 0.650 + 0.00786(1) = 0.6579. 


The corresponding rates of change of 3/, Nj and x at this point are 



2.87 ' 10-5, 
1.07 • 10-2, 
7.33 • 10~K 


Therefore, at a distance 2 ft. above the base. 


M 2 == 0.04755 0.00003 = 0.04752, 

N 2 == 0.0460 ~ 0.0107 = 0.0353, 

2:2 = 0.6579 + 0.0073 = 0.6652. 


Proceeding in this manner, it will be found that the gas leaving 
the 4-ft. segment of packing has the approximate composition 

3/4 = 0.0475 == mole fraction of O 2 , 

Ni = 0.0208 = mole fraction of oxides, 

Xi = 0.679 = state of oxidation of oxides. 


b. The moles of NO 2 and NO absorbed and the moles of O 2 
consumed in the 4-ft. segment may be computed by substituting 
the appropriate values in Eqs. (13.10) to (13.12) and solving. 
Values so obtained are 

Pound moles NO 2 absorbed per hour = 0.565, 

Pound moles NO absorbed per hour = 0.322, 

Pound moles O 2 consumed per hour = 0.002. 

c. The nitrite-nitrate ratio produced in the absorbing sodium 
hydroxide solution would be 

* 

NaNOz _ 1.5(0.322) + 0.5(0.565) _ . on 
NaNOs 0.5(0.565 - 0.322) 

d. The total heat generated per hour by oxidation and absorp- 
tion may be computed from Eqs. (13.7) to (13.9). 
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Oxidation: (0.004) (13,560) = 54.2 C.h.u. 

Absorption of NO: (0.322) (39,210) = 12,600 C.h.u. 

Absorption of NO 2 : H(0.565 - 0.322) (50,950) = 6,200 C.h.u. 

Total C.h.u. generated per hour = 18,850. 

Estimating the heat capacity of the gas phase to be 7.2 
C.h.u./(lb. mole) (deg.) and the heat capacity of the solution to 
be 0.84 C.h.u./(lb.)(deg.), gives the following value for the 
adiabatic temperature rise above 25°C., in the 4-ft. section: 




18,850 

(22.7) (7.2) + (3,510) (0.84) 


18,850 

3,114 


6.05°C. 


Under the conditions chosen for this example, very little heat 
is generated in the gas phase due to oxidation; consequently, the 
bulk of the temperature rise will be found in the liquor leaving 
the bottom of the section. Thus, if there were no transfer of 
sensible heat or H 2 O from the liquid to the gas phase, the tem- 
perature of the liquor leaving the section would approach 


25 + 


18,800 

2,950 


31.4°C. 


With an over-all coefficient of heat transfer from the liquor to the 
gas phase of 35 C.h.u. /(cu. ft.) (deg. C)(hr.), the gas temperature 
leaving the section would probably be about 27°C. 

The conditions of the foregoing illustration have been deliber- 
ately simplified in order not to obscure the application of the 
fundamental principles involved. In practice, of course, the 
most highly converted absorbent would be contacted with 
the most concentrated gases; consequently, the absorption 
coefficients Kga and Kg' a would be a great deal smaller than 
those used in these calculations. That would mean that the 
actual pound moles absorbed in the section would be considerably 
less and the adiabatic temperature rise correspondingly smaller. 
Furthermore, the contraction in volume, due to oxide abshrption, 
would be correspondingly smaller, and the assumption of con- 
stancy of gas volume and temperature in the section under 
consideration would be justified. In carrying the calculations 
forward to the next section above, temperatures and gas volumes 
must be adjusted in accordance with the net result of processes 
occurring in the first section. The extrapolation of Chambers 
and Sherwood^s data on the absorption of NO 2 in a small wetted- 
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wall column to a commercial packed tower is admittedly inac- 
curate but is satisfactory for illustrative purposes. 

3. Absorption in Bubble-cap Towers. Illustration 2. — On the 
basis of the following data and assumptions, compute 

а. The number of perfect plates required to produce 1 ton of 
nitric acid per day (as 60 weight per cent) with an absorption 
efficiency of 85 per cent. 

h. The heat that must be withdrawn per hour from each plate 
in order to hold the temperature of the system at the assigned 
value: 

1. Operating pressure = 5 atm. absolute. 

2. Operating temperature = 45°C. 

3. Tower diameter (I.D.) = 6.0 in. 

4. Distance from top of liquor on any plate to bottom of next 
higher plate = 24 in. 

б. 77.3 lb. of 25 per cent HNOs to feed plate per hour. 

6. 6.7 lb. water added to top of column per hour. 

7. Pound moles gas entering base of tower per hour, 

NO = 0.077, Ns = 14.84, 

NO2 = 1.115, H2O = 0.22. 

O2 == 0.782, 

For simplicity, assume that all materials entering and leaving 
the tower are at 45°C. and that the gas is saturated with H2O 
corresponding to the vapor pressure of 25 per cent HNO3 at 
45°C. 

Solution . — Since the quantity and composition of the gas 
entering and the liquor leaving the bottom plate of the tower 
have been specified, the problem resolves itself into the computa- 
tion of the composition of the gas leaving and the liquor entering 
the bottom plate. From the Bodenstein data on the rate of 
oxidation of NO, the change in gas composition between plates 
may be estimated and the process repeated on each succeeding 
plate until the required quantity of nitrogen oxides has been 
absorbed. In effect, therefore, it is necessary to evaluate the 
following unknown quantities for each plate: 

a. The fraction of total inlet oxides absorbed on any given 
plate (zi). 

b. The state of oxidation (lOOxi) of the gas leaving the surface 
of the liquor on the ith plate. 
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c. The fraction of the total NO 2 associated to form N2O4(2/0 
in the gas leaving the liquor surface. 

d. The composition of the acid overflowing from the (i + 1) 
plate. 

e. The increase in state of oxidation (Axi) of the gas in the 
empty space between plates. 

/. The total heat generated (AH) per hour in the region 
between the liquor surface of the ^th plate and liquor surface 
on the (i + 1) plate. 

The following set of six equations wdll be shown to be adequate 
for the evaluation of the required data if it be assumed that 

1. The gas and liquor leaving each plate are in thermodynamic 
equilibrium with each other. 

2. The reactions 


3 NO 2 + H 2 O = 2 HNO 3 + NO, (13.36) 

2 NO + 02 = 2 NO 2 , (13.37) 

2 NO 2 = N 2 O 4 , (13.38) 

are the only reactions occurring in the system. 

3. The plates are provided with adequate cooling coils so that 
the heat generated is removed as fast as it is generated. In other 
words, isothermal operation is assumed. 

On the basis of Eq. (13.36), it follows that for every 3 moles of 

NO 2 absorbed on the ith plate 1 mole of NO is desorbed and, 

therefore, 

Moles NO 2 leaving ith plate == moles NO 2 entering plate 

net moles of oxides absorbed on 
plate. 


This leads to the first of the required equations, 

^ _ (1 

Xi -i x ^ 


(13.39) 


where Xi == state of oxidation of gas leaving surface of liquor on 
the zth plate. 

Xi^ = state of oxidation of gas entering vapor riser of the 
tth plate. 

Zi = fraction of total moles oxides entering base of column 
per hour absorbed on ^th plate. 
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/i_i = fraction of total inlet oxides absorbed up to but not 
including ith. plate. 

fi = fraction of total inlet oxides absorbed up to and 
including ith plate. 

= fi - 

This equation also implies that the oxidation of NO, in accord- 
ance with Eq. (13.37), is negligible in the bubble cap itself. 

Since the gas and liquor leaving each plate are assumed to be 
in equilibrium, the equilibrium constant for reaction (13.36) may 
also be employed. Thus, 


_ Pxo(HN 03)^ _ Pxo 

P^-o^CHaO) P^N-o/' 


(13.40) 


If Uq = pound moles NO + NO 2 + 2 N 2 O 4 entering the tower 
per hour, and Xq and 2/0 are the states of oxidation and NO 2 
association, respectively, of the inlet oxides, the inlet mole frac- 
tion of oxides equals 


No 


no 


no 



no 

> 

+ (O 2 + N 2 + H20)o, 


and the mole fraction of oxides in the gas leaving the fth plate is 


But 


iVf = (13.41) 

2/1 

Si ~ So - Uofi, 


and substituting no — iVoSo in Eq. (13.41) gives 


m = 


No(l - fi) 
1 - Nofi ■ 


(13.42) 


Consequently, the individual oxide pressures in the gases leaving 
the ith plate are given by the equations 



Nod - fi)d - x,)p 

(13.43) 

NO ~ 

1 - No/, 


iVo(i — f^)xid — yi)P 

(13,44) 

JT NO2 — 

1 - Nofi 

PN2O4 = 

Nod - f^XxViP 

2(1 - No/i) 

(13.45) 
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Substituting for Pno and Pno. in Eq. (13.40) yields the second 
required relation 


_(l- (1 - Xi) _ p 

P " V 1-/* / [(1 -2/W ■ 


(13.46) 


The third required relation is given by the equilibrium constant 
for the association of NO 2 to N 2 O 4 , namely, 


X 2 


P NaO^i Vi 

p^ ” 2NMI - 


(13.47) 


Substituting Bi = lf2NtXiK2P and solving in the usual way give 
y, = K(2 + P^) ± M[(2 + -- 4]^^^. (13.48) 

At 45®C., K 2 equals 1.56, 

A fourth relationship may be obtained from the gas-liquid 
material balance at each plate in the tower. That is, for a given 
quantity and concentration of feed acid, water, and moles of 
oxides entering the tower per hour, a definite relation must exist 
between the composition and quantity of acid overflowing from 
a given plate and the moles of oxides rising from that plate. 

Pound moles HNO 3 leaving tower per hour = pound moles 
HNO 3 overflowing from ith plate + pound moles oxides 
absorbed up to and including the (i — 1 ) plate. 

Pounds acid leaving tower per hour = pounds acid over 
flowing from ^th plate + increase in weight due to absorption 
on the (i — 1 ) lower plates. 


Expressed algebraically, these conditions yield the equation 


^ ^ _ Pi(^i - 

' no(63 ~ 54.Wiy 


(13.49) 


where lOOtyi = weight per cent HNO3 in finished acid leaving 
base of column. 

lOOiyx = weight per cent HNO3 in acid overflowing from 
fth plate. 

Li = pounds of acid leaving column per hour. 
Equation (13.49) applies below the feed plate. The following 
equation is to be used above the feed plate: 


4- ^ _ Lo+i(wq+i — Wo+n) 

Jo+n Z0+. ' 


(13.60) 
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where Lo+i = pounds acid overflomng from first plate above 
feed plate (0 plate). 

lOOwo^i = weight per cent HNOs in acid overflowing from 
first plate above feed plate. , 

lOOiyo+n = weight per cent HXO3 in acid overflowing from Tith 
plate above feed plate. 

/o^-n = fraction of total inlet oxides absorbed above feed 
plate up to and including the nth plate. 

Zo+n = fraction total inlet oxides absorbed by nth plate 
above feed plate. 

The calculation of the reoxidation of the NO betw^een plates is 
an important item and may be attempted as follows: 

The pound moles XO2 entering vapor riser of {i + 1) plate 
per hour = pound moles NO 2 leaving liquor surface on tth 
plate + pound moles NO oxidized in space between plates. 


Expressed algebraically, this becomes 


^0(1 — = no(l — f^)xi + 



(13.51) 


where V represents the free volume betw^een plates, 
tiation of Eq. (13.51) yields 

no(l - f^)dx = 

But 


PdV PAdh 

XiRT ~ (So ~ nofi)RT' 


Differen- 


(13.52) 

(13.53) 


where A is the cross-sectional area of the column. Substituting 
no = iVoSo in Eq. (13.53) and substituting for dt in (13.52) yield 


— — 


aNO PA 

dt SoWo(l-/^)(l 


NofdRT^ 


) 


(13.54) 


for the rate of change of state of oxidation with height in the 
region between the ith and {i + 1) plate. The coefficient 
— 9NO/5< may be evaluated from Eq. (13.21) 


dPti 


kP^^oPo,, 


dt 


(13.55) 
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where Pxo = A'’,(l — x)P 

and Na represents the mole fraction O 2 entering the tower. The 
equation for the mole fraction of O 2 in the gas leaving the fth 
plate may readily be derived by noting that for every mole of NO 
oxidized, M mole of O 2 is consumed, and the moles of NO leaving 
the fth plate equal total moles NO entering tower, plus H total 
moles oxides absorbed, minus total moles NO oxidized up to the 
fth plate. Substituting Pno and P 02 in Eq. (13.55) gives 


^dx__ hP^- „ /2Aro° - Nof/.d.S - :r) - (xp - x)] 

l-Nofi 


But moles NO = iV, 2 ,(l - a;) and, therefore. 


(13.57) 


3NO _ -AT 

-ft dt 


(13.58) 


Consequently the right-hand side of Eq. (13.57), multiplied by 
Si, gives the required value for —dEO/dt, to be substituted in 
(13.54) for computing dx/dh. Substituting in Eq. (13.54) and 
collecting constants give the desired equation for computing 
oxidation in the space between any given pair of plates where the 
total concentration of oxides is constant: 


dx CbN^-{1 - xy{2No° - No[fi(1.5 - x) - (xo-x)]} kon 

dh (1 - /i)(l - No/,) ’ 


where C 5 = P^Ak/2'2oNoBP. This is the fifth required relation. 
Thus, when fi and X{ have been evaluated with the help of Eqs. 
(13.39), (13.46), and (13.49), the dx/dh corresponding to these 
values may be computed. If dx/dh is not large, the value of 
x’i+i may be computed from the relation 



(13.60) 


If dx/dh is large, the distance between any two plates should be 
broken down into small intervals and computed by stepwise 
integration of Eq. (13.69), using values of x computed by means 
of Eq. (13.60). 
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The sixth and final relation is the equation for computing the 
total heat generated between the surface of the liquor on the ith 
plate and the surface of the liquor on the (i + 1) plate. This 
relation is essential for the estimation of the amount of cooling 
coils that must be installed in each individual plate in order that 
isothermal operation may be maintained throughout the column 
and disadvantageous temperature rises prevented. Since, for the 
purpose of this analysis, it has been assumed that each plate is 
equipped with adequate cooling facilities so that no appreciable 
temperature changes occur, it follows that the heat liberated 
across any given plate is simply the difference between the total 
enthalpies of formation of the materials lea\dng the surface of the 
(i + 1) plate, minus the total enthalpies of formation of the 
materials entering the plate. In this case the boundaries of 
the {i + 1) plate are represented by the surfaces of the liquor 
on the ^'th and (i + 1) plate. 

If the moles of NO, NO2, N2O4, HNO3, and H2O entering the 
(i + 1) plate per hour are multiplied by their respective heats of 
formation and summed and then deducted from the correspond- 
ing sum for the products leaving the (i + 1) plate, the following 
equation is obtained for AH — the heat liberated per hour across 
the (i + 1) plate: 

^ = A(/) (^AHhn-o, - - Ai?xo) 

+ (Ai?N 02 - — A(/r)] 

+ - AFko.) [A(x 2 /) - Mxfy)], (13.61) 

where A(/) = fi+i — 

A{x) = aji+i - Xi. 

A(fx) =ifx)i+i - (fx)i. 

A{xy) = {xy)i+T. - {xy)i. 

A{xfy) = ixfy)i+i - (xfy)i. 

Substituting 

Ai^No = 21,526 C.h.u./lb. mole, 

AHso, = 7,964 C.h.u./lb. mole, 

AH^^o^ = 2,235 C.h.u./lb. mole, 

AHji^o = —68,315 C.h.u./lb. mole, 

transforms Eq. (13,61) into convenient form for numerical 
calculations : 
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^ = A(/)(AHhn-o, + 12,630) + 13,560[A(/x) - A(x)] 

TIq 

+ 6,850[A(x/2/) - A(x2/)]. (13.62) 

In using this equation, a value for the heat of formation of 
HNOa corresponding to the average acid concentration on the 
plate should be used. Values of AjEThno, for various weights 
per cent nitric acid are plotted on Fig. 17. Strictly speaking, the 
heats of formation of all compounds should be corrected from 
the above 25° values to 45°C., as well as from 1 to 5 atm., by 
means of Eq. (2.18). However, for most engineering purposes 
these corrections are unimportant. 

Equations (13.39), (13.46), (13.48), (13.49), (13.59), and 
(13.62) provide the requisite tools for solving the given problem. 
Unfortunately, it is necessary to solve for the unknowns z,-, x„ 
yi, and w, by trial and error; consequently, the computations are 
somewhat tedious, as shown by the following sample calculations. 
PL.A.TE 1. Initial Conditions; 

Li = 138.5 lb. acid leaving tower per hour. 
lOOwi = 60 per cent HNO3 in overflow from bottom plate. 
Vo = 0.07. 2/0 = 0.377. 

Vo° = 0.0459. So = 17.03. 

Xo = 0.935. 

The given value for yo may be checked by noting that 

rj _ i ^ = 0 OS • 

"■ 2NoX,KJP ~ 2(0.07) (0.935) (1.56) (5) 

and from Eq. (13.48), t/o = 0.377. 

The material balance operating line for conditions below the 
feed plate may be computed from Eq. (13.49): 

Liiwi - Wi) __ 138.5(0.60 - Wi) 
no(63 - 54w0 1.192(63 - 54w,)' 

The results are plotted vs. Wi on Fig. 15. 

The second operating line corresponding to the liquid-gas 
equilibrium may be computed from the left-hand side of Eq. 
(13.46), in the concentration range of interest. Values of 

^ _ (5.05) (25) (49) 10-" _ 0.619 
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are plotted against weight per cent HNO 3 on Fig. 16. The 
necessary values for Ki and p have been taken from illustration 2, 
Chap. X. 

The estimation of the gas composition leaving plate 1 is carried 
out as follows: 

Guess fi = zi — 0.06 = fraction inlet moles oxides absorbed on 
bottom plate. ^ 

fj^^zi = 0 and, from Fig. 15, overflow acid = 60 per cent. 
From Eq. 13.39, 

xi = (0.935 — 0.09) /0.94 = 0.899 = state oxidation of gas at 
surface of liquid on bottom plate before gas-phase oxidation can 
occur. 

iVi = 0.07(0.94) /0.996 = 0.0662 = mole fraction oxides in gas 
rising from bottom plate. 


6.41 • 10-2 
(0.0662) (0.899) 


1.080. 


Therefore yi = 0.368 = association of NO 2 in gas rising from 
bottom plate. From Eq. (13.46), 



According to Fig. 16, this value of Ei corresponds to an overflow 
acid of 60 per cent. Since the assumed value for the fraction of 
inlet oxides absorbed on the bottom plate leads to a gas-phase 
composition (A^i, and yi), which is in equilibrium with the 
finished overflow acid, this is the correct absorption for a perfect 
plate under the specified conditions, within the limits of the 
accuracy of the fundamental data. 

The heat generated per hour on the bottom plate may be 
computed from Eq. (13.62) by substituting the appropriate 
values for a:, 2 /, and/. It should be noted that /2 — 2 J 2 = /i = 0.06; 
hence, from Fig. 15, the HNO 3 overflowing from the second plate 
to the first plate must be 58.4 per cent. The average concentra- 
tion on the bottom plate is 59.2 weight per cent. From Fig. 17 
the apparent heat of formation of HNO 3 at this concentration is 
—46,860' C.h.u./lb. mole. This value is used in Eq. (13.62) to 
compute AHi; hence 
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■\ U 

= 0.06(- 46,860 + 12,630) + 13,560(0.0539 + 0.036) 

+ 6,850(0.0198 + 0.021), 

AHi = 1.192(-2,060 + 1,220 + 280) = -668 C.h.u./hr. 

That is, 668 C.h.u. are generated on the bottom plate per hour 
under the assumed operating conditions and must be removed 
at the same rate in order to hold the temperature at 45°C. 



Fig. 17. — Apparent molar heat of formation of HNO 3 in aqueous solutions at 

18°C. 

Plate 2. — The increase in oxidation of the gas between the 
surface of the liquor on plate 1 and the bottom of plate 2 may be 
estimated from Eq. (13.59), The constant Cg is computed from 
the following values for the various constants appearing in Cg: 

P = 5 atm. Nq = 0.07. 

A = 0.197 sq. ft. R == 1.315 cu. ft. atm./deg. K. 

So == 17.03. 

At 45°C., ks equals 2.46 • 10^; therefore, k equals 6.5 • 10^ and 

^ _ (125) (0.197) (6.5 • 10^) ^ 

' 2(17.03)(0.07)(1.315)(318) ’ 
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Substituting this value in Eq. (13.59) gives 


dx __ 1.61 • lorn^ii - x,y 
dh~ (1 -/.)(!- 0.07/0 


{0.0918 - 0.07[/,(1.5 - Xi) 


- (0.935 - x.-)]} ; 

substituting the above values for Ni, etc., gives 


(S). - 

for the rate of increase of the state of oxidation at the surface 
of the first plate. Consequently, the oxidation of the gas entering 
the vapor riser of the second plate (2 ft. above) is 

X2« = 0.899 + 0.00705(2) = 0.913. 


The calculations for plate 2 now proceed as in the case of the 
first plate; 

Guess Zi = 0.06, /a = 0.12, and /s — 22 = 0.06. 


From Fig. 15, the overflow acid corresponding to /2 — Z2 = 0.06 
is 58.4 per cent. From Eq. (13.39), 


X2 

N, 

Bz 

Vi 

Ez 


0.94(0.913) - 0.09 _ „ 

0.88 “ ’ 

0.07(0.88) 


0.992 
6.41 • 


= 0.0621, 
10 -® 


(0.0621) (0.874) 


1.182, 


3.182 1 


I (10.12 - 4)« = 0.353, 


/O.992Y /0.126'\ 
V0.88/ Vo. 181/ 


0.884. 


Reference to Fig. 16 shows that the acid corresponding to this E 
is 58.3 per cent; consequently, the assumed value for Zz is correct 
within the accuracy of these calculations. The heat liberated 
on the second plate, per hour, is 

A TT 

= (0.06) (-47,000 + 12,630) + 13,560(0.051 + 0.025) 

+ 6,850(0.0172 + 0.022), 
AHs = 1.192(-772) = -920 C.h.u./hr. 
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The foregoing calculations serve to illustrate the method of 
handling problems of this sort. The final computations for the 
entire tower are recorded in Table 1 . When desired, the indi- 
vidual NO, NO 2 , and N 2 O 4 pressures in equilibrium with the acid 
leaving any given plate may be computed from the data in 
Table 1 and Eqs. (13.43) to (13.45). 


Table 1. — The Absorption op Nitrogen Oxides in Acid under Pressure 
(Temperature = 45°C. Pressure = 5 atm. abs. Finished acid = 60 wt. 

per cent) 


Plate 

Mole 
fraction 
oxides 
gas leav- 
ing plate 
Ni 

Oxidation x 

Associa- 
tion y 
gas 

leaving 

plate 

Frac- 

tion 

inlet 

oxides 

ab- 

sorbed 

jth 

plate 

Total 

frac- 

tion 

oxides 

ab- 

sorbed 

Weight 
per cent 
HNO3 in 
overflow 
from 

^th 

plate 

Heat 
devel- 
oped per 
hour, 
C.h.u. 

Gas 

enter- 

ing 

plate 

Gas 

leav- 

ing 

plate 

1 

0.0662 

0.935 

0.899 

0.368 

0.060 

0.06 

60.0 

668 

2 

0.0621 

0.913 

0.874 

0.353 

0.060 

0.12 

58.4 


3 

0.0578 

0.895 

0.841 

0.329 

0.065 

0.185 

56.8 

955 

4 

0.0525 

0.873 

0.805 

0.310 

0.080 

0.265 

55.0 

1410 

5 

0.0456 

0.848 

0.747 

0.281 

0.100 

0.365 

52.1 

1860 

6 

0.0378 

0.806 

0.653 

0.228 

0.115 

0.480 

48.6 

2230 

7 

0.0300 

0.745 

0.542 

0.175 

0.110 

0.590 

43.7 

2470 

8 

0.0235 

0.650 

0.409 

0.115 

0.090 

0.680 

38.2 

2190 

9 

0.0192 

0.545 

0.324 

0.085 

0.060 

0.740 

33.5 

1760 

10 

0.0163 

0.467 

0.278 

0.060 

0.040 

0.780 

30.0 

1330 

11 

0.0141 

0.4141 

0.242 

0.045 

0.030 

0.81 

27.2 

1050 

12* 

0.0124 

0.370 

0.214 

0.040 

0.023 

0.833 

26.0 

820 

13 

<0.0112 

0.334 

<0.200 

0.030 

>0.017 

>0.850 

>16.4 

660 


♦ Feed plate. 


Examination of the data in Table 1 shows that, under the 
specified conditions of operations, 12 perfect plates should effect 
an absorption efidciency of 83.3 per cent. Since the overflow 
from this plate contains 26 per cent HNO3, the feed acid should 
be introduced onto this plate. Owing to the fact that the state 
of oxidation of the gas entering the top (13th) plate is still quite 
high (33.4 per cent), the fraction of oxides absorbed on this plate 
will exceed the required value of 0.017; therefore the over-all 
absorption efficiency for 13 perfect, isothermal plates would be 
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slightly greater than 85 per cent. The uncertainty is, however, 
less than the over-all accuracy of the calculations and is therefore 
unimportant. 

It is interesting to note the course of the absorption as the gas 
passes up the tower. Only 6 per cent of the total inlet oxides, are 
absorbed on the bottom plate; but, starting with the third plate, 
the fraction absorbed begins to increase and reaches a maximum 
on the sixth plate where 11.5 per cent of the total oxides are 
absorbed. After this the absorption work per plate begins to 
decrease quite rapidly and is onty 3.0 per cent on the eleventh 
plate. As is to be expected, the heat generated on each plate 
practically parallels the absorption work per plate. The fact that 
the maximum heat development occurs on the seventh and not on 
the plate of maximum absorption is due to the fact that NO 
oxidation and NO 2 association also contribute to the total 
enthalpy change, in addition to the absorption of NO 2 and N 2 O 4 . 
The importance of adequate cooling facilities on the appropriate 
plates is clearly emphasized by these calculations. If, for 
example, all plates were uniformly provided with cooling coils 
capable of withdrawing about 1,000 C.h.u./hr., the temperatures 
on all plates would rise to such a point that the rate of heat 
generation would be equal to the capacity of the cooling coils to 
remove it. Since heat generation and absorption are roughly 
proportional, this means that the absorption performance would 
decline or, in other words, the unit would become inefficient both 
from the standpoint of maximum acid concentration producible, 
as well as over-all absorption efficiency . 

In spite of the obvious shortcomings of the above type of 
analysis, valuable comparative data may be deduced regarding 
the effects of temperature, pressure, gas and liquor composi- 
tions, absorption efficiencies, plate spacings, etc. on the cost of 
producing nitric acids of various concentrations. 
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CHAPTER XIV 
AIR CONDITIONING 

The necessity for adjusting the humidity and temperature of 
air to within certain definite limits is important in many process 
industries, in addition to the promotion of general living com- 
fort. The essential principles constituting the basis for the 
design of equipment employed for this purpose are shown by the 
following illustration. In order not to obscure the underlying 
similarity of approach of this problem to those of gas absorption 
and converter design, the somewrhat complex terminology of 
the air-conditioning industry will be avoided. The reader is 
referred to the text of Walker, Le\vis, McAdams, and Gilliland^ 
for a more complete discussion of the subject. 

1. Design of Tower for Cooling and Dehumidifying Air. 
Illustration . — Air containing 79 per cent relative humidity at 
32°C. is to be cooled to saturated air at 19°C. in a 5-ft. diameter 
packed tower. The total quantity of moist air entering the 
tower per hour equals 29,690 lb. If 125 gal. of water per minute 
precooled to 15.3''C. are fed to the top of the tower, what would 
be the approximate height of tower required to effect the specified 
reduction in temperature, using countercurrent flows? 

Solution . — If it is assumed that the heat leak through the walls 
of the tower to the surroundings is negligible, then, as will be 
shown, the problem is one of deriving a set of differential equa- 
tions, which permit the evaluation of the net result of the follow- 
ing three rates of transfer, at any height h in the tower, when 
steady-state conditions have been established: 

a. The rate of transfer of H 2 O from the gas to the liquid phase. 

h. The rate of transfer of sensible heat from the gas phase 
to the gas-liquid interface. 

c. The rate of transfer of heat from the gas-liquid interface 
to the bulk of the water. 

The instantaneous rate of transfer of water from the gas to the 
liquid phase at any height h may be expressed analogously to the 

291 



292 APPLICATIONS [Chap. XIV 

rate of absorption of gases in liquids by the equation 

dw = -Ka{P^,) - P)dV, (14.1) 

where dw = pound moles water absorbed per hour by the element 
of packed volume dF at the height h. 

P[9) — partial pressure H2O in gas phase at h. 

P = partial pressure H2O from liquid phase, correspond- 
ing to the bulk liquid temperature t at the height h. 

Ka — over-all coefficient of transfer, expressed as pound 
moles H2O transferred from the gas to the liquid 
phase per hour per cubic foot per atmosphere H2O. 

The rate of transfer of sensible heat from the gas to the gas- 
liquid interface is 

dQ = — ti)dV, (14.2) 

where dQ = C.h.u. transferred per hour from the gas to the 
interface in the element of volume dV. 
he) — temperature of gas (°C.) at the height h. 

U = temperature (°C.) at the gas-liquid interface. 
hii)a = gas film coefficient of thermal conductivity, expressed 
as C.h.u. per hour per cubic foot per degree centi- 
grade temperature difference across film. 

The rate of transfer of sensible heat from the gas-liquid 
interface to the bulk of the liquid is 

dQ = —h^iyaiU — t)dV, (14.3) 

where t = temperature of the bulk of the liquid, and h^i)a is the 
liquor film coefficient of heat conductivity in the same units as 
Eliminating U from Eqs. (14.2) and (14.3) gives 

dQ = — U(^aya(h<,) — t)dV, (14.4) 

where dQ = C.h.u. transferred per hour from the gas to the bulk 
of the liquid. 

i 7 (rtO = over-all coefficient of heat transfer in C.h.u. per hour 
per cubic foot per degree centigrade temperature 
difference. 

Given the values of t°, h„°, P^gi°, P° and the quantity of air 
and water entering the tower per hour, it is possible to compute 
the values of t, he), P(e), and P at any height in the tower, and 
hence the required height, by the following procedure: 
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By assumption, the over-all process taking place in the tower 
is substantially one of constant enthalpy; therefore 

- iJo, (14.5) 

where = total enthalpy of materials entering tow^er per hour 
referred to 0°C. and liquid w^ater as the zero level. 
Hq = total enthalpy of materials leaving tower per hour 
referred to 0°C. 

Let — pound moles liquid H2O entering tower per hour. 

A = pound moles dry air entering tow’er per hour. 
vf = pound moles gaseous Avater entering tower per hour. 
f — temperature entering water in °C. 

= temperature entering air. 

AiTo = heat of vaporization of 1 lb. mole H2O at 0°C. in C.h.u. 
In accordance with Eq. (14.5) the following equality may be 
set up: 

ISW^f + (7 A + + w^AHo = l8Wt + (7.4 + 8w)t^g^ 

+ wAHq, (14.6) 

where 7, 8, and 18 C.h.u./deg. C. have been used for the molar- 
heat capacities of air, water vapor, and liquid w^ater, respec- 
tively. Differentiation of Eq. (14.6) 3delds 

0 = \8Wdt -f- \8tdW + (7A “b Svi)dt(^gy -f- St(^gydw 

+ AHodw. (14.7) 

But dW = —dw and, therefore, 

-imdt = (7.4 + 8w)dt^gy + (8i(^) - 18^ + NH^)dw. (14.8) 

It can readily be shown that the factor (8^(5) — ISt -h AHo) 
corresponds to AH, the heat of vaporization of the water, at the 
mean temperature of the gas and liquid at the height h; therefore 

-ISWdt ^ {7 A + Sw)dt<^gy + AHdw. (14.9) 

Equation (14.4) may be rewritten 

(7 A + Sw)dt(^gy == —Uig)aS(t<^g) — t)dh, (14.10) 

where S is the cross-sectional area of the tower. Substituting 
for dt(^gy from this equation and dw from Eq. (14.1) in (14.9) gives 

— ISWdt = —U(g)aS{t(^g) — t)dh — AH(S)Ka{P(^g) — P)dh 
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dh 




AHiS)Ka 

18W 


(P<.) - P). 


From Eq. (14.10) 


^^(g) _ 

dh 



-t) 


and from (14.1) 


^ = -KaS(P,,, - P). 


(14.11) 


(14.12) 

(14.13) 


The change of vapor pressure of the liquid water with tempera- 
ture may be computed from the Clapeyron equation 


dInP .. AH 
dT RT^’ 


(14.14) 


where T = t + 273.1. Equations (14.11) to (14.14) constitute 
the required tools for computing t, t(g-), P(g), and P at any height 
in the tower, since, when w is known, the partial pressure of H2O 
in the air is given by the relation 

where the total pressure Pr is assumed equal to 1 atm. By sub- 
stituting for dt its value given by Eq. (14.11) and T = 273.1 -{- 1 
in the Clapeyron equation, it is possible to express P in terms of 
tower height. However, it will be found considerably easier to 
read P, corresponding to a given liquor temperature, from the 
(P — f) plot, given on Fig. 18. 

The coeflacients of heat and mass transfer and other numerical 
values to be substituted in these equations are as follows; 

Ka = 6.94 lb. moles H20/(hr.)(cu. ft.) (atm. H2O drive). 

?7(9)a = 35.0 C.h.u./(hr.)(cu. ft.) (deg. C.). 

S = 19.6 sq. ft. 

AH = 10,500 C.h.u./lb. mole at 25°C. 

W° = (125 • 8.35 • 60)/18 = 3,480 lb. moles H20/hr. 

A = 1,000 lb. moles dry air /hr. 

Substituting these values in Eqs. (14.11) to (14.13) gives the 
required working equations, (14.16) to (14.18). Under the 
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assumed conditions of operation the temperature of the liquor 
decreases with h, and therefore di/dh must be inherently nega- 
tive. Consequently, 

^ = -0.0109(f(«) - 0 - 22.8(P(rt - P). (14.16) 

^ = -0.0949(i(,) - t). (14.17) 

-136(P(„, -P). (14.18) 

Although the coefficients of the temperature and pressure terms 
in Eqs. (14.16) and (14.17) are not constants, they have been 



p ill } lilt! L-J I L-J 
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Temperature, 

Fig. 18. — ^Vapor pressure of liquid water. 

treated as such in this example. This is justified on the basis 
that the total liquor flow increases by a very small percentage 
from top to bottom and the contribution of the water vapor 
to the heat capacity of the gas (7 A + Sw) is small. Therefore, 
the use of an average value for w introduces very little error. 
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The temperature of the water leaving the base of the tower 
may be estimated from Eq. (14.6), corresponding to the specified 
performance requirements for the unit. Thus the temperature 
of the water leaving the base of the tower is given by the equation 

18(3,480) (15.3) + (7,000 + 306) (32) + 38.2(10,750) 

- 18(3,496)(0 + (7,000 + 176)(19) + 22(10,750), 

from which t = 19.57®C. 

The values of the three differential coefficients may be com- 
puted at the base of the tower from the following data: 

32^C. = 0.0221 atm. (from Fig. 18). 

19.57°C. w° = 38.2 lb. moles. 

0.0368 atm. 

= -0.0109(32 - 19.57) - 22.8(0.0368 - 0.0221), 

= -0.1356 - 0.335 = -0.471. 

= -0.0949(12.43) == -1.18. 

= -136(0.0147) = -2.00. 

At a distance of 1 ft. above the base these variables have the 
following values: 

(0i = 19.57 - 0.471(1) == 19.10^0. 

(^(.))i = 32.0 - l.lg(l) = 30.82°C. 
tui = 38.2 - 2.00(1) - 36.2 lb. moles. 

(P(,))i = = 0.0349 atm. 

Pi = 0.0215 atm. (from Fig. 18). 

The differential coefficients corresponding to these values of 
ti, wi, etc., are 

0.0109(30.82 - 19.1) - 22.8(0.0349 - 0.0215), 
0.128 - 0.306 = -0.434. 

0.0949(11.72) = -1.11. 

136(0.0134) = -1.82. 
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Therefore, at a distance of 2 ft. above the base, 

(O 2 = 19.10 - 0.434 - 18.67°C. 

= 30.82 - 1.11 = 29.71°C. 

102 = 36-2 — 1.82 = 34.38 lb. moles. 

34 QQ 

(P ,.))2 - = 0.0332 atm. 

P 2 = 0.0209 atm. 

Proceeding in the foregoing manner, the values recorded in 
Table 1 have been computed for the different variables, at the 
indicated heights above the base of the tower. 


Table 1. — Design of Packed Tower for Air Conditioning 


Interval 

Height, 

ft. 

Temperature, ®C. 

ir, lb. 
moles H 2 O 
in gas 

H 2 O pressure, atm. 

Gas 

Liquor 

Gas 

Liquor 

0 

0 

32.0 

19.57 

38.2 

0.0368 

0 0221 

1 

1 

30.82 

19.10 

36.2 

o.oko 

0.0215 

2 

2 

29.71 

18.67 

34.38 

0.0332 

0.0209 

3 

4 ! 

27.60 

17.87 

31.04 

0.0301 

0.0200 

4 

6 ! 

25.76 

17.20 

28.30 

0.0275 

0.0192 

5 

8 i 

24.14 

16.64 

26.04 

0.0253 

0.0186 

6 

10 i 

22.72 

16.17 

24.22 

0.0236 

0.0180 

7 

12 

21.48 

15.77 

22.70 

0.0222 

0.0176 

8 

14 

20.40 

15.44 

21.45 

0.0210 

0.0172 

9 

16 

19.46 

15.16 

20.42 

0.0200 

0.0168 


According to the data recorded in Table 1, a tower approxi- 
mately 17 ft. tall should meet the demands of the job. These 
calculations present a fundamentally correct method for esti- 
mating the size of equipment required for a definite air-condi- 
tioning performance, but it should be remembered that the 
accuracy of the answer is limited by the uncertainties in the 
numerical values of the over-all coefficients of mass and heat 
transfer. Furthermore, the assumption of no heat leak between 
the tower and the surroundings is obviously an oversimplification, 
which must be allowed for, either by greater cooling of the cooling 
water, or increased tower height. The limitations inherent in 
simple numerical integration of a system of simultaneous differen- 
tial equations have already been discussed. 

Reference 

1. Walker, Lewis, McAdams, and Gilliland: “Principles of Chemical 
Engineering,” McGraw-Hill Book Company, Inc., New York, 1937. 



CHAPTER XV 

METALLURGICAL APPLICATIONS 


The costliness of research and development work in the metal- 
lurgical industries makes this branch of technology one of the 
most fruitful fields for the applications of thermochemical 
principles. A few of the many types of problems that may 
advantageously be attacked with the aid of thermodynamics are 
illustrated in this chapter. 

1. Roasting of Lead Ores. Illustration 1. — The roasting of 
galena (PbS), prior to the actual smelting operation, may result 
in the formation of the follovdng substances, depending primarily 
on the concentrations of the gases in contact with the ore and the 
temperature: (1) PbO, (2) PbS04, (3) PbS 04 *Pb 0 , and (4) Pb. 

Investigate conditions of temperature and gas compositions 
favorable to the formation of each of these species from the 
equilibrium standpoint. 

Solution . — The following set of reactions may be used to 
evaluate the possibility of forming the various substances by 
direct oxidation of PbS: 


PbS + MO 2 - PbO + SO 2 . 

p 

PbS + 2 O 2 - PbS04. 

2PbS + KOa = PbSOi-PbO + SO 2 . 

p 

JT - 

J./ 

PbS + O 2 = Pb + SO 2 . 

i.. - 

PbS + 02 = Pb(Z) + SO 2 . 

p, _ -P^a(Pb) 
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(15.1) 

(15.2) 

(15.3) 

(15.4) 

(15.5) 

(15.6) 

(15.7) 

(15.8) 

(15.9) 
(15.10) 
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In Eq. (15.10) the factor (Pb) repreaents the activity of the 
molten lead, which is unity when the .solubilities of the other 
components in it are assumed negligible. 

The follomng standard free energy of formation equations are 
required: 

SO2 

AF° = -70,635 + 1.04r log T + 2.542 ■ lO-^T^ 

+ 8.4 • 10*r-i - 7.16T. (15.11) 

PbS 

AF° = -23,310 - 2.95r log T + 2.12 • 10-^r- 

+ 8.6ir. (15.12) 

PbS04 

= -216,380 + 16.5ir log T - 5.86 • lO-^T^ 

- 1.877 • lO^r-i + 39.367. (15.13) 

PbS04-Pb0 

AF° = -275,710 + 15.557 log 7 - 6.38 • 10-’72 

- 2.346 • 1057-1 + 68.557. (15.14) 

PbO 

Affass = -51,990. = -45,100. 

ACp = 0.425 4- 1.03 • 10-57 + 0.939 • IO57-2. (15.15) 

Af? = -51,850 + 0.4257 + 0.52 • 10-57= 

- 0.939 • 10*7-1. (15.16) 

AF° = -51,850 - 0.987 log 7 - 0.52 ■ 10-57= 




- 0.47 • 10*7-1 4- 25.87. 

(15.17) 



Pb 




Pb(c) = Pb(j). 

(15.18) 

AF^ 

= 0, 

AE = 1,224 cal. at 600.5°K. 



= 1,224 

- 2.047. 

(15.19) 


With the exception of Eqs. (15.15) to (15.19), all of the fore- 
going equations have been taken from Kelley’s compilation of the 
thermodynamic properties of inorganic sulphur compounds.i 
The data used in deriving Eqs. (15.15) to (15.19) have also been 
taken from this source. These equations have been used to 
compute the free energies of formation of the various compounds 



300 APPLICATIONS [Chap. XV’ 

and the equilibrium constants of the reactions of interest at 
527, 677, and 827°C. (see Table 1). 


Table 1. — EatuLiBBitrai Data for Reactions Involvtbd in the Roasting 

OP Galena 



Temperature 

800°K. 

950°K. 

1100“K. 

SO 2 

-72,300 

-72,200 

-71,960 

PbS 

-21,910 

-21,560 

-21,170 

AF° PbS04 

-150,520 

-137,670 

-124,940 

FhSOr^hO 

-189,100 

-172,610 

-156,040 

PbO 

-33,860 

-30,638 

-27,410 

Ki i 

10 0 • 10^2 

5.0 • IQis 

3 4 • 1015 

\ 

1 3 • lO^s 

6.6 -lO^® 

3 5 • 1020 

Kz 

3 2 • 1059 

2.5 • 

7 9 • 1056 

K, 

6.0 • 1015 

4,5 • 10“ 

1 3 • 1010 

K, 

7.6 • 1015 

6.6 • 10“ 

2.0 • 1010 


Examination of the equilibrium constants recorded in Table 1 
indicates that all of the foregoing reactions are thermodynami- 
cally possible between 800 and 1100°K. However, from the 
comparative magnitudes of the constants it is obvious that, if 
equilibrium is established, certain of the products would not 
appear in appreciable quantities in the roast. For example, the 
equation 

PbSOi-PbO + SO 2 -h KO 2 = 2PbS04 (15.20) 

represents the reaction between an acidic oxide and a basic oxide, 
and might be expected to go to practical completion. Thus, 
depending on the SO 2 and O 2 concentrations in the gas phase, any 
basic sulphate formed would go over to the ordinary sulphate. 

At 1100°K., the equilibrium constant for reaction (15.20), 
computed from the above free-energy data, is 2.24 • 10^; therefore 

K, = p - . - p -H = 2.24 • 10* (15.21) 

* 802 02 

and 

P.O. • Po,« = 4.46 ■ 10-®. 

If Po, = 0.21 atm.; P.„, = 9.75 • 10“® — and this represents the 
lowest pressure of SO 2 capable of converting basic sulphate 
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to PbS 04 , in the presence of the normal O 2 concentration, at 
1100°K. At lower temperatures the minimum SO 2 pressure 
required for conversion in the presence of 21 per cent O 2 would 
be still smaller. 

Suppose now that the ore has been roasted with the amount 
of air theoretically required to convert the PbS to PbO, so that 
the SO 2 pressure equals 0.15 atm. In this case conversion of the 
basic to normal sulphate will occur if the O 2 pressure equals at 
least 8.8 * 10~® atm., at 1100°K. Thus it appears that the basic 
sulphate cannot exist under anything resembling equilibrium 
conditions, unless the ore is in contact with practically pure air 
or converter gases containing practically no oxygen. 

Consider the two reactions 


PbS + 2PbO = 3Pb,,j + SO 2 . 

(15.22) 

K^ = Peat- 

(15.23) 

PbS + PbS 04 = 2Pb(j, +. 2 SO 2 . 

(15.24) 

K, = 

(15.25) 


At 800°K., K-t and equal 4 • 10“® and 4.2 • lO""^, respectively. 
Thus a partial pressure of 4 • 10*"® atm. SO 2 in the roaster gases 
will stop reaction (15.22), and 2.05 * lO*"^ atm. of SO 2 wiU stop 
the reaction between the sulphide and the sulphate. However, 
at 1100°K., K^ and K% equal 0.642 and 0.93, respectively. Both 
reactions should go to completion since the SO 2 pressure cannot 
reach 0.64 atm. under ordinary operating conditions. 

According to this analysis, it is theoretically possible to produce 
PbO, PbS 04 , PbS 04 *PbO, and Pb(i) by direct oxidation of PbS 
with air, between 527 and 827°C. Owing to the thermodynamic 
properties of the substances involved, any basic sulphate formed 
is likely to be converted completely to the normal sulphate, 
unless the SO 2 and O 2 pressures fall below certain limits estimated 
in the foregoing discussion. It has also been found that at 
temperatures around 800°C. it is possible to roast directly to 
liquid lead, provided that there is available 1 mole of PbS to 
react with every 2 moles of PbO produced by roasting [Eq. 
(15.22)], and 1 mole of PbS for every mole of PbS 04 produced by 
roasting [Eq. (15.24)]. However, since Eqs. (15.22) and (15.24) 
involve reactions between solid substances, they are probably 
much slower than the direct oxidation of PbS to PbO and PbS 04 ; 
consequently, it would be very difficult to control the oxidation 
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to PbO and PbS 04 so that the correct amount of PbS was left 
to react in accordance with Eqs. (15.22) and (15.24). It would 
therefore appear that PbO and PbS04 are the main products 
obtained in the roasting of galena. 

2* Leaching Low-grade Ores to Recover Manganese. — 
number of possible methods for recovering manganese from low- 
grade ores containing manganese carbonate (Chamberlain ores) 
have been discussed by Kelley.- The method based on the 
treatment of the ore with winter and CO 2 under pressure is one 
of the more interesting methods, and is outlined as follows: 

Illustration 2. — The nodules of Chamberlain ore have the 
following approximate composition: 

Constituent 
MnCO:, 

FeC03 
CaCOs 
MgCOa 
AI2O3, etc. 

Consider a process in which 

1. The ore is treated with suflScient water at a definite CO 2 
pressure (Pco^), so that practically all of the MnCOs dissolves. 

2. The saturated solution obtained in (1) is separated from the 
ore, while maintaining the CO 2 pressure at the value Pcoa- 

3. The CO 2 pressure over the solution is reduced to 1 atm., 
whereby the bulk of the MnCOs is caused to deposit, leaving the 
calcium, magnesium, and iron carbonates in solution. 

Compute: 

a. The minimum amount of water required to dissolve all the 
CaCOa in 1 kg. of nodules under a CO 2 pressure of 1 atm. 

5. The minimum CO 2 pressure (Pcos) required to dissolve all 
the accompanying MnCOa in this quantity of water. 

c. The per cent of the original MnCOa deposited when the 
pressure is reduced from Pco 2 to 1 atm. 

Solution, — a. The following equilibriums are involved: 


MnCOa == Mn++ + CO 3 — (15.26) 
FeCOa - Fe++ + CO 3 — . (15.27) 

CaCOa = Ca++ + CO 3 — . (15.28) 

CO3— + HaCOa = 2 HCO 3 ”. (15.29) 

CO 2 + H 2 O = H2CO3. (15.30) 


Weight, Per Cent 
32 9 
23 0 
28.6 
3.3 
12.2 
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The corresponding equilibrium constants are 



= (:Mn-"+)(C03--) = 5.05 • 10-i“. 

(15.31) 


K2 = (Fe++)(C 03 — ) = 2.11 ■ 10-“. 

(15.32) 


Kz = iCa++){CO—) = 4.82 • 10-®. 

(15.33) 


Ki — (HCO 3 )" =31. 1Q3 

‘ (H3C03)(C03— ) 

(15.34) 


Ki = = 0.0337. 

Jco> 

(15.35) 


The factors in parentheses represent activities; but, owing to 
the low solubilities of these compounds, ordinary molalities will 
be employed. 

Numerical values of equilibrium constants are for 25°C. The 
solubility-product constants Ki Kz have been taken from the 
afore-mentioned publication by Kelley^ and Ks and the following 
values for the ionization constants of H2CO3 have been taken 
from Maclnnes:^ 


Ki 

Ku 


(H+)(HC03-) 

(H2CO3) 

(C03-)(H^) 

(HCO3-) 


= 4.52 • 10-^ 
= 5.59 • lO-'h 


Since bicarbonate ion is very weakly ionized, it is reasonable to 
assume that substantially all the dissolved carbonate ion will be 
converted to bicarbonate ion, and (CO 3 ) may be replaced by 
(HCO 3 ”), Kij and iTs. Equations (15.31) to (15.33) then 
become 

(Mn++) ( _ HCO _ 3 - )" ^ = 1 33 . (15.36) 

Jcoz 

(Fe++)(HCQ3-)^ ^ = 5.76 • IQ-®. (15.37) 

Jo02 

(Ca++)(H C^ 0 r )^ ^ = 132 . io-«. (15.38) 

Jc02 

According to the foregoing analysis, 1 kg. of nodules contains 
2.86 moles MnCOs, 1.98 moles FeCOs, 2.86 moles CaCOs, and 
0.392 mole MgC 03 . If x represents the number of kilograms of 
H 2 O required to dissolve 2.86 moles of calcium when the CO 2 
pressure equals 1 atm. ; then 

(Ca«-) . 
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(HCOs^) = TLmjx^ where Sm represents the moles Mn++ + 
Pe++ + Mg^'^ per kilogram H 2 O. The solubility of 

MgC 03 * 3 H 20 is of the order of 3 • 10”^ molal and, therefore, all 
the magnesium will dissolve. Thus the only three unknowns 
are the moles of Mn++( 2 /), and Fe'^( 2 ;), dissolved in x kg. of H 2 O. 
Substituting in Eqs. (15.36) to (15.38) yields 


© 


2(2.86 0.392 y ^ 

X 

2(2.86 + 0.392 + 2 / + 2 ) 


2(2.86 + 0.392 + y + z) 


= 1.38 • 10-^. 


= 5.76 • 10-^ 


= 1.32 • 10-«. 


Dividing the second equation by the third gives 

• 10”^ = 1.25 • 10“^ = moles Fe*^ in x kg. of H 2 O. 

1 .oJi 


Dividing the first equation by the second gives 

_ (1.25 10-X1.38 ■ 10 -) . ^ 

5.7o 

= moles Mn+'^ in x kg. of H 2 O. 

Substituting these values in the third equation and solving 
for X give 

X = 478 kg. H 2 O required to dissolve all the calcium. 

6. In order to compute the CO 2 pressure required to dissolve 
2.86 moles of Mn+“^ in 478 kg. H 2 O, Eqs. (15.36) and (15.37) 
may be used 


(6 - 10-^)[2(6 • 10-^ + 6 • 10-^ + 8.2 • IQ-^ + m)Y ^ ^ 33 . 
fcol 

(m)[2(6 - 10-^ + 6 - 10-^ + 8.2 • IQ-^ + m)]^ ^ ^ 

fc02 

Dividing these two equations gives m = 2.5 • 10“^, or 0.119 
mole of Fe++ will dissolve along with the manganese, /coi may 
then be computed from either one of these equations, giving 

/co* = 29.7 atm. 
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At 25°C., it is estimated from Fig. 3, Chap. V, that the activity 
coefficient of the CO 2 is about 82 per cent and, therefore, the 
actual CO 2 pressure is about 36 atm. 

c. After the removal of the solution containing 2.86 moles 
MnCOs, 2,86 moles CaCOs, 0.39 mole MgCOs, and 0.119 mole 
of FeCOs (as bicarbonates) from the leached ore, and reducing 
the CO 2 pressure to 1 atm., the solubilities of manganese and iron 
will readjust to equilibrium with the reduced CO 2 pressure. In 
part (a) it was found that 478 kilos of H 2 O dissolved 0.0125 mole 
of and 0.299 mole of Mn"^ under 1 atm. of CO 2 . Thus 
2.56 moles of MnCOs containing 0.106 mole of FeCOa will deposit 
from this solution. The per cent recovery of the manganese 
contained in the original kilo of ore is, therefore, 100(2.56/2.86), 
or 89.5 per cent. 

3. Purification of Zinc Concentrates* — The removal of lead 
and cadmium impurities from zinc concentrates, before or after 
roasting, has been the subject of a number of experimental and 
theoretical investigations. Maier^ has proposed a process based 
on the treatment of the unroasted zinc concentrate with Hi for 
removing the cadmium sulphide. The process is analyzed from 
the thermal standpoint in the following illustration. 

Illustration 3. — A. zinc concentrate, having the following 
approximate composition, is to be treated with H 2 , for the 
purpose of removing cadmium and lead before roasting to the 
oxide: 

Constituent Weight, Per Cent 


Zinc (ZnS) 51.00 

Iron (FeSs) 2.79 

Lead (PbS) 1.04 

Cadmium (CdS) 0.56 

Sulphur 31.00 


Consider a purification process in which 

1. The ore is heated in a slow stream of inert gas to 900®K. in 
order to decompose the iron pyrites. 

2. The ore is heated in a slow stream of inert gas to 1200°K. in 
order to sublime the PbS. 

3. Hydrogen is passed through the ore at 1200°K. in order to 
remove cadmium. 

Compute a. the minimum quantity of inert gas required to 
decompose the iron pyrites at 900®K. per ton of ore. 
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b. The minimum quantity of inert gas required to sublime the 
PbS at 12O0°K. per ton of ore. 

c. The minimum quantity of H 2 required to remove the 
cadmium at 1200°K. per ton of ore. 

d. The total heat required (C.h.u.) in order to treat 1 ton of 
ore by this process. 

Solution.— a. For the purpose of this analysis 1 ton of concen- 
trate may be considered to consist of the follo^ving quantities of 
each component; 



Pound ^loles 

FeSo 

1.00 

PbS 

0.10 

CdS 

0.10 

ZnS 

18.9 


The foregoing pound moles of ZnS are in excess of the actual zinc 
content of the ore but, since this figure is used only in estimating 
sensible heat requirements, the discrepancy is unimportant. 

The heat of dissociation and dissociation pressure of pyrites at 
900'’K. may be computed from the follomng equations, given by 
Kelley,^ for the reaction: 

2FeS2 = 2FeS(3, + S2(„). 

Aff = 63,500 -1- 10.45r - 10.18 • lO-’T^ 

AF° = 63,500 - 24.07r log T -f 10.18 • lO-^T^ 

- 4.137. 

At 900°K., 

hH — 64,660 cal. 

AF° = 4,030 cal.; therefore K - 0.105, and the dissocia- 
tion pressure of pyrites is 0.106 atm. at 900°K. That is, P of 
S 2 = 0.105 atm., but there are also definite pressures of Sg and Sg 
in equilibrium with this pressure of S 2 . However, it may be 
shown on the basis of the known thermodynamic properties of 
Sg and Sg that the partial pressures of these more complex mole- 
cules are relatively unimportant under these conditions and may 
be neglected. 

Since each pound mole of p 3 Trites produces 0.5 lb. mole of S2, it 
is necessary to distill 0.5 lb. mole of S 2 from each ton of ore. 
The minimum lb. moles of inert gas, e.g., nitrogen, corresponding 
to saturation of the inert gas with respect to S 2 would, therefore,’ 


(15.39) 

(15.40) 

(15.41) 
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be 


Pound moles inerts = 0.5 



4.26. 


b. The minimum moles of inerts required to sublime 0.1 lb. 
mole of PbS from the ore may be computed when the vapor pres- 
sure of PbS is known at 1200°K. Kelley® gives the following 
equations for the heat and free energy of vaporization of PbS : 

AH = 60,880 - 1.63 T - 2.00 • lO-^T^. (15.42) 

AF° = 60,880 -1- 3.75T log T -+• 2.00 • 10-®T- 

- 54.62r. (15.43) 

f 

At 1200°K., AF° — 12,060; therefore the vapor pressure of PbS 
equals 6.45 * 10“^ atm. The minimum pound moles of inerts 
required to evaporate 0.1 lb. mole PbS from 1 ton of ore is given 
by the expression 

Pound mole inerts = 0.10 ~ 


c. The removal of cadmium by treatment with H 2 at 1200*^K. 
depends on the reduction of the cadmium sulphide to the metal 
which has a vapor pressure greater than 1 atm., at this temperature. 


The reactions to be 

considered are 




CdS(c) 

+ H2(i/) = Cd(^) + 


(15.44) 


ZnS(c) 

+ H2(ff) = Zn(fl) + 

H2S(i;), 

(15.45) 

for which 







TT -Pcd ‘ PhsS 

-^1 = p 

XHj 


(15.46) 



IP 2Iji SsS 

^2 — p 


(15.47) 


The free energies and heats of formations of the components 
of this system may be computed from the following equations, 
taken from the afore-mentioned compilations by Kelley: 

CdS 

AH = -35,150 + 3.86r - 3.90 • 

AF° -= -35,150 - 8.89T log T + 3.90 • 10""^^ 

+ 26.40T. 

Afl'uoo = -36,130 cal. AF°i 2 oo = -30,740 cal. 


(15.48) 

(15.49) 
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ZnS 

\H = -42,990 + 3.98r - 4.00 • lO-^T- 

+ 1.946 • lO^T-K (15.50) 
AF° = -42,990 - 9.17r log T + 4.00 • IQ-^T^ 

+ 0.973 • lO^T-^ + 29.187. (15.51) 

Affi2o"o = —43,810 cal. AF°i 2 oo = —36,050 cal. 


H2S . 

AH = -3,725 - 3.057 - 1.865 • IO-572. (15.52) 

AF° = -3,725 + 7.027 log 7 + 1.865 ■ 10-27== 

- 31.827. (15.53) 

Ai?i2oo'= -10,080 cal. AF°i 2 oo = -13,340 cal. 


AH = 27,010 - 0.497 - 1.233 • IQr^TK (16.54) 
AF® = 27,010 + 1.137 log 7 + 1.233 • 

- 31.757. (15.55) 

Ailiaoo = 24,650 cal. AF° = -5,180 cal. 


Zn(a) 

AH = 31,392 - 0.287 - 1.35 • 10-^T\ (15.56) 

AF° = 31,392 + 0.647 log 7 + 1.35 • IO-272 

- 31.177. (15.57) 

AlTiaoo = 29,110 cal. AF° = -1,700 cal. 

The standard free-energy changes for reactions (15.44) and 
(15.45) at 1200°K. are, therefore, 

(15.44) AF° = 12,220, Ki = 5.9 • 10-=, 

(15.45) AF° = 21,010, = 1.5 • 10“^ 


If a: = pound moles of H2 introduced into the retort at 1200°K. 
and 1 atm. for the purpose of reducing the 0.10 pound mole of 
CdS to cadmium vapor, and ii y = pound moles ZnS simul- 
taneously reduced when the static system reaches equilibrium, 
then 


(0.1)(0.1-f-y) 

(a; -f 2/ + 0.1)(a: — y — 0.1) 

2/(0.1 + y) 

(x + y + 0.1)(a: — y — 0.1) 


5.9 • 10-2, 
1.5 • 10-^. 


Solving these two equations gives y = 2.55 • 10-* mole ZnS 
reduced, and x = 1.33 lb. moles of H2 required. At 1 atm. and 
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1200°K. this corresponds to about 2,100 cu. ft. of Ho. Since this 
quantity would obviously be too great to introduce all at once 
into the retort, it would be necessary to admit the Ho at a very 
slow rate to the hot concentrate. If intimate contact of the 
finely divided concentrate and gas is ensured and the rate of gas 
passage is slow enough for the attainment of equilibrium, the 
actual quantity of hydrogen required for the removal of cadmium 
should not exceed this quantity by an undue amount. 

Although the reduction of the FeS, present in the concentrate 
by means of H 2 , has been ignored in the foregoing discussion, it 
may readily be shown that the equilibrium ratios of HoS Ho 
produced by cadmium and zinc reductions are so much greater 
than the H 2 S/H 2 ratio in equilibrium with FeS that this substance 
cannot be reduced until the CdS has first been removed from the 
equilibrium system. 

d. The principal enthalpy requirements for the treatment of 
1 ton of ore by the above process may be estimated as follows: 

1. Heat to raise 1 ton of ore from 298 to 900°K.: 

AHi = 20.1 (12.81 + 0.95 • lO-^T - 1.946 • WT-^-)dT, 

AHi = 15.3 • 10^ C.h.u./ton. 

2. Heat to decompose 1 lb. mole FeS 2 at 900®K. : 

AHs = 63,500 + 10.4:5r - 10.18 • 10-^T% (15.40) 

AH 2 = 6.47 * 10^ C.h.u./ton. 

3. Heat to raise 4.26 lb. moles N 2 from 298 to 900°K.; 

AH 3 = 4.26 (6.50 + 1 • 10-^T)dT, 

AHs = 1.82 • 10^ C.h.u./ton. 

4. Heat required to raise 1 ton of ore from 900 to 1200°K.: 

AHi = 20.1 (12.81 + 0.95 • lO-^r - 1.946 • l0^T-^)dT 

= 8.3 • 10* C.h.u./ton. 

5. Heat required to sublime 0.1 lb. mole PbS at 1200°K.: 

AHi = 60,880 - 1.63r - 2.00 • 10-*r^ (15.42) 

AHi = 0.56 ■ 10* C.h.u./ton. 
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6. Heat required to raise 15.4 lb. moles N 2 , plus 1.33 pound 
moles H 2 from 298 to 1200°K.: 

Affe = 16.73 (6.5 + 1.00 ■ lO-^T)dT, 

Affe == 10.92 * 10^ C.h.u./ton. 

7. Heat required to reduce 0.1 lb mole CdS to gaseous cad- 
mium and H 2 S at 1200°K. : 

LHn = -10,080 + 24,650 + 36,130 = 0.51 • 10^ C.h.u./ton. 

4 

Gross enthalpy requirement = 4.39 • 10® C.h.u./ton. 

Part of the enthalpy added to this system may be recovered 
with suitable heat interchange equipment and used to preheat 
the nitrogen and hydrogen used in the process. Since the ore 
is at the approximate roasting temperature, no consideration 
need be given to the recovery of the sensible heat of the ore at 
927°C. Assuming that a minimum temperature gradient of 
about 100°C, is maintained in the heat interchangers, then the 
following approximate quantities may be recovered: 

AH/ = 1.82 • 10" X = 1*52 • 10" C.h.u. 

AH/ = 10,92 • 10" X = 9.73 • 10" C.h.u. 

Thus about 11.3 • 10" C.h.u./ton are recoverable, and the net 
enthalpy requirement = 3.26 • 10® C.h.u./ton of ore. 

4. Decarburization of Ferrochrome with Calcium. — Chromium 
is usually produced by the reduction of chromite with carbon, in 
accordance with the equation 

FeCr204 + 4C = Fe + 4CO + 2Cr. (15.58) 

The impure product of the reduction, called ferrochrome, con- 
tains about 4 to 8 weight per cent carbon. Decarburization of 
this product may be effected by treatment with a fused mixture 
of lime, chromite, and fluorspar; and the use of calcium has also 
been proposed. Kelley® has analyzed the latter method from the 
thermodynamic standpoint, as discussed in the following problem. 

Illustration 4. — ^Assuming that the ferrochrome contains 6 per 
cent C, 65 per cent Cr, and 29 per cent Fe by weight, and that 
the carbon is combined in the form of Cr 3 C 2 , compute the quan- 
tity of metallic calcium required per kilogram of ferrochrome to 
reduce the carbon content of the melt to 1 per cent at 1700°K., 
and calculate the composition of the equilibrium melt, 
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Solution , — The reaction that occurs in the melt is 

Cr3C2(Z) + Ca(i) = 3Cr(Z) + CaC2(c)- (15,59) 
The foIlo\\ing free-energy data are required: 

CaC2 

= -13,210 + 6.9T log T - 3L47T. (15.60) 

Cr3C2(c) 

= -8,550 - 5.03r. (15.61) 

Cr 3 C 2 (c) = Cr 3 C 2 (Z) Ail ~ 15,140 cal. at 2163°K. 

= 15,140 - 7T. (15.62) 

Ca 

Ca(c) = Ca(Z) AJ? = 2,230 cal. at 1124°K. 

AF° = 2,230 - 1.98T. (15.63) 

Cr 

Cr(c) = Cr(Z) AH = 3,930 cal. at 1823®K. 

AF° = 3,930 - 2.15r. (15.64) 

The above data for the heat and free energj^ of fusion of 


Cr 3 C 2 are very rough and are based on the assumption that the 
entropy of fusion of this compound equals seven units at the melt- 
ing point. The free-energy change corresponding to reaction 
(15.59) at 1700°K. is, therefore, 

AF° = -28,810 -h 840 + 1,140 + 13,860 = -12,970. 
Hi7oo — 46.2. 


Assuming that the activity coefficients in the melt are equal to 
unity, then 


K = 


(Ncry 

Hca ’ HcraCz 


(15.65) 


where the N^s represent mole fractions. In terms of moles 
1 kg. of the ferrochrome initially contained 2.5 moles Cr 3 C 2 , 
5.0 moles Cr, and 5.2 moles Fe. If x and y represent the total 
moles of calcium added and the moles of calcium reacted, 
respectively, then 


Moles Cr 3 C 2 left in melt at equilibrium = 2.5 — y. 
Moles Ca left in melt at equilibrium ^ x — y. 

Moles Cr in melt at equilibrium — 3y + 5. 

Total moles in melt at equilibrium = 12.7 + x + y. 
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Substituting the appropriate mole fractions in Eq. (15.65) gives 


(32/ + 5)® 


= 46.2. 


(15.66) 


(12.7 + a: + y)ix - y){2.5 - y) 

If lOOP represents the weight per cent carbon left in the melt at 
equilibrium, then 

„ __ 2.5 - y 


41.7 - 2.672/ + 1.67a: 


(15.67) 


Equations (15.66) and (15.67) may be solved by trial and error 
for any desired extent of deearburization. Quantities appearing 
in these equations refer to the equilibrium melt produced by 
1 kg. of the original ferrochrome. If it is desired to reduce the 
carbon content of the melt to 1 per cent, trial-and-error solution 
of these two equations gives x = 5.0 and y = 2.05 for the total 
moles of calcium required and the moles reacted. Thus the 
efficiency of utilization of the calcium would be about 41 per cent, 
and the melt would have the following composition, provided 
that the excess calcium were soluble in the melt; 



Weight, Per Cent 

c 

1.01 

Cr 

60 8 

Fe 

27.2 

Ca 

11.0 


In view of the large excess of calcium required to drive the 
decarburization reaction to the right, the final product is quite 
impure. Although the thermodynamic data on which the above 
analysis is based are very rough, the conclusion that an undesir- 
able excess of calcium is reqtiired for decarburization has been 
substantiated by experiments. 
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CHAPTER XYI 

LIQUEFACTION OF GASES 

The constantly increasing use of liquefied gases for the produc- 
tion of low temperatures in various industrial chemical operations, 
and the large variety of liquefied gases Available in cylinders are 
evidence of the commercial importance of this branch of applied 
thermodynamics. From the standpoint of pure science, it is 
obvious that the present high degree of development of the 
science of thermodynamics, from both the experimental and 
the theoretical sides, would have been impossible without the 
successful development of efficient processes for producing 
liquid air, hydrogen, and helium. 

Depending on the nature of the gas to be liquefied, there arc 
essentially five distinct methods, or principles, employed in the 
liquefaction of gases: (1) refrigeration; (2) compression; (3) 
adiabatic performance of work; (4) Joule-Thomson expansion; 
(5) magnetic cooling. Actually, most practical liquefaction 
processes involve combinations of two or more of these basic 
principles, as illustrated by the problems that follow. 

1. Liquefaction by Refrigeration. Illustration 1. — From a 
mixture containing 88 per cent SO 2 , plus 12 per cent N 2 by 
volume, it is required to recover the SO 2 by cooling with brines 
refrigerated to — 33°C., at 1 atm. pressure. Assuming the gases 
initially at 25°C., estimate the minimum heat that must be 
withdrawn in order to produce 1 ton of liquid SO 2 , and estimate 
the over-all efficiency of SO 2 recovery by this process. 

Solution . — The total heat to be removed is the sum of the 
sensible heat required to cool the original gas mixture from 25 to 
— 33®C., plus the heat of liquefaction of 1 ton of SO 2 at this 
temperature. 

The vapor pressure of liquid SO 2 at — SS'^C., as computed 
from the equation^ 

= -RT In p = 6,400 - 24.33!r (16.1) 

is 0.313 atm. The minimum mole fraction of SO 2 in the gases 

313 
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lea'V’ing the cooler is, therefore, 0.313. From the condition that 

Pound moles gaseous SO 2 leaving cooler 

= total pound moles SO 2 entering 31.2, 

it follows that 

^0 = 0.88iVo - 31.2, 

0.68/ 

where IVo equals total moles of N 2 + SO 2 that must be cooled 
to produce 1 ton of liquid SO 2 . Sohdng this equation gives 
JVo = 37.7 lb. moles entering the cooler. The heat that must be 
removed to cool this quantity of gas is given by the expression 

AEi = 33.2 P®® (11.40 + 1.42 • IQ-^T - 2.05 • WT-'^)dT ■ 

J240 

+ 4.5 (6.5 + 1.00 • l0-^T)dT, (16.2) 

Affi = 33.2(522) + 4.5(396) = 19,100 C.h.u. 

The heat of vaporization of SO 2 at the boiling point ( — lO^C.) 
is 6,400 C.h.u. /lb. mole. This value will be used for — 33°C.; 
therefore, the heat to be removed during the actual condensation 
step is 

LH 2 = (6,400) (31.2) = 200,000 C.h.u. 

The gross heat that must be withdrawn per ton of liquid SO 2 at 
-33°C. is 219,100 C.h.u., of which the sensible heat constitutes 
only 8.7 per cent of the total. 

The efficiency of SO 2 recovery by this process is 

(31.2/33,2) • 100 — 94 per cent. 

Although the cooling requirement per ton of liquid SO 2 does not 
increase markedly with the dilution of the SO 2 , tlie efficiency of 
recovery decreases rapidly with increasing dilution for constant 
refrigeration temperature; hence this method could be used 
economically only on fairly concentrated gases. Furthermore, 
in considering the economics of refrigeration condensation, it is 
to be noted that the lowest temperature at which the heat must 
be removed really determines the cost of the process — rather 
than the absolute value of the quantity of heat to be removed. 


Gases, such as sulphur dioxide, nitrous oxide, carbon dioxidp, 
and chlorine, the critical temperatures of which are above 
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ordinary atmospheric temperatures, may be liquefied by simple 
compression without precooling. In estimating the amount of 
work required for liquefaction by this method, it is customary to 
assume that the process is carried out either isothermally or 
adiabatically. 

2. Liquefaction by Compression. Illustration 2. — Estimate 
the minimum work required to liquefy 1 lb. mole of SO 2 by 
isothermal compression at 25°C., and the total heat interchange 
required to produce 1 ton of liquid SO 2 at 25°C. 

Solution. — a. According to the statement of the first law in the 
form [Eq. (2.1)] 

{-dQ) = {-dW) + i-dE), (16.3) 

the heat to be withdrawn from the system { — dQ) equals { — dW) 
— the work done on the system, plus the decrease in the energy 
content of the system. The minimum work required for com- 
pression would be that involved in reversible, isothermal “'com- 
pression, which equals the integral PdF, and the decrease in 
energv content may be computed from the relation (see L-R, 
p. 134) 

The vapor pressure of SO 2 at 25°C., as computed from the equa- 
tion given in illustration 1, equals 4.26 atm. At these moderate 
pressures, the van der Waals equation may be employed with 
good accuracy to compute dE and dW. Thus, 



which, when integrated, gives 

( 16 . 6 ) 

In this equation 

— = work done on 1 g. mole SO 2 in compressing from the 
volume V I (at Pi atm.) to the volume F 2 (at P 2 atm.). 
6 = 56.4 cc. for SO 2 . 
a = 6.71 * 10® atm. cm.® for 802* 
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The molar volumes of SO 2 , computed from the van der Waals 
equation at 25®C., are 24,250 cc. at 1 atm. and 6,500 cc. at 
4.26 atm.; consequently 


-F == 1,364 log 


2.42 • 10^ 
5.44 • 10^ 


6.71 • 106(1.987) 
82.06 


(1.406 • 10-^). 


-F = 885 - 22.8 = 862 C.h.u./Ib. mole. 


This quantity represents the minimum work that must be done 
on 1 lb. mole of SO 2 in order to compress it to the liquefaction 
pressure at 25°C. 

The decrease in internal energy may be calculated as follows: 


From the equation 

p RT a 

^ - V -b V^’ 

(16.7) 

it follows that 

/dP\ RT 


and 

il 

( 16 . 8 ) 

Therefore 



^AE = 


(16.9) 


Using the foregoing values for volumes and a, 

-AE = 1.622 • 106(1.406 * 10-^) = 22.8 C.h.u./lb. mole. 


Thus it will be noted that the total heat to be removed per pound 
mole of SO 2 compressed equals 862 + 22.8 = 885 C.h.u., of 
which the decrease in internal energy contributes only 2.57 
per cent. It is also interesting to note that, if perfect gas 
behavior had been assumed, the heat of compression would be 
1,364 log 4.26 = 860 C.h.u. The difference is less than the 
significant accuracy of the calculation, since the actual compres- 
sion is neither isothermal nor reversible, and hence the total heat 
interchange will be greater than the computed value. The van 
der Waals value is, however, to be preferred, since it is larger 
than the perfect gas value. 

The heat of vaporization of 6,400 C.h.u./lb. mole must be added 
to the heat of compression, giving 7,285 C.h.u. for the total heat 
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interchange involved in the production of 1 lb. mole of liquid 
SO 2 . The minimum heat to be removed per ton of liquid SO 2 is, 
therefore, (31.2) (7,285) = 227,000 C.h.u. Actually, the Afl" of 
vaporization should be corrected in order to allow for constant- 
pressure condensation at 4.26 atm. and 25°C., instead of 1 atm. 
and — 10°C. The correction is, however, a minor one and may 
be neglected in this case. 

3. Cooling Produced by Adiabatic Performance of Work. 

Illustration 3. — ^Assuming that nitrogen conforms to the van der 
Waals equation of state, estimate the temperature drop accom- 
panying the adiabatic performance of work, when N 2 expands 
from 100 atm. pressure at 25°C. to 1 atm. pressure. The van 
der Waals constants for N 2 are 5 = 38.5 cc. and a = 1.35 * 10® 
atm. cc.^ 

Solution , — According to the first law, 

dE PdV. (16.10) 

Since dQ = 0 for an adiabatic process, the work done by the 
system (PdV) corresponds to the decrease in energy content 
of the system. For a nonperfect gas the energy content is a 
function of T and V; therefore 


and, since dE = —PdV, 

+ (i), + ^] 

In illustration 2, it was found that dE/dV = a/V^ for a van der 
Waals gas; consequently 

C^T + -^,dV = dV + 


or 


r - r? 

Or -y - ^ V - b 


( 16 . 13 ) 


Integrating between limits gives 



Cvd In r = 


■R 




dV 

V-b' 


( 16 . 14 ) 
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At temperatures below 298°K., Cv for N 2 is practically constant 
at the equipartition value for translation, plus rotation, i.e,, 
hence 

5 r, I T ^ , V iQQ — b 

O -R log ^ = R log 


Fi 


or 

/ r Y' _ 1^100 - b 
\298/ Vi-b' 

The equation 

_ 82.06T 13.5 • 105 

^ V - 38.5 72 


(16.15) 

(16.16) 


may be used to compute the molar volume at 298°K. and 100 
atm., but these two equations must be solved by trial and error 
in order to evaluate T and 7. 

At 298°K. and 100 atm., 7ioo = 235 cc.; if T is estimated to be 
77°K., the molar volume of N 2 at this temperature would be 
6,180 cc. Substituting these volumes in Eq. (16.15) gives 
T — 75®K. Thus, if the gas conformed to van der Waals’ 
equation all the way down to this temperature, and if the adia- 
batic work indicated by the right-hand side of Eq. (16.12) were 
performed, the gas would cool to the neighborhood of the boiling 
point of nitrogen. This is, of course, a rough calculation and is 
intended to give only an idea of the magnitude of the cooling 
to be expected by this method. 

4. The Joule -Thomson Effect. — When a gas under pressure is 
forced through a porous plug or throttling valve, so that an 
appreciable pressure drop occurs across the restriction, the 
temperature of the gas on the two sides of the plug will differ 
when steady-state conditions prevail, provided th.^A the system is 
substantially adiabatic. Since Q = 0, the first law equation 

AE = Q- fdW (16.17) 

shows that the change in internal energy of the gas must be equal 
to the work done by it. Since no net external work is performed 
in operating some sort of an engine, the work done per mole of gas 
passing through the plug equals the difference between the work 
of expelling 1 mole of the gas from the low-pressure side of the 
plug, and the work done on the same quantity of gas in forcing it 
into the high-pressure side. The net work done by 1 mole 
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W = P 2 F 2 - PiFi, (16.18) 


where the subscripts 1 and 2 refer to conditions on the high- and 
low-pressure sides of the restriction, respectively. Substituting 
this value for W in Eq. (16.17) gives 


or 

Therefore 

or 


E2- -{P2V2 - PiFi), 

E2 “h P 2V 2 = El PiFi. 


H2 - Hi 


AH = 0. 


(16.19) 


(16.20) 


That is, the Joule-Thomson expansion is an isenthalpic process. 

As a quantitative measure of the behavior of gases in the 
Joule-Thomson expansion, it is customary to employ the coeffi- 
cient defined by the equation 

“ - (H).’ 

where jjl represents the change in temperature per uni^ pressure 
drop. By means of standard thermodynamic relations (L-R, 
p. 134) this equation may be converted to the form 


(dH/dP)T _ T(dV/dT)p - V 
(dH/dT)p Cp 


(16.22) 


Since for perfect gases PF — PT, it follows that (dH/dP)T is 
zero; consequently jli is always equal to zero for ideal gases. In 
other words, neither heating nor cooling would be observed in the 
free expansion of a perfect gas. It might therefore be anticipated 
that the temperature effects accompanying the Joule-Thomson 
expansion would increase with increasing deviations from 
ideality, and that the effect would be favored by low temperatures 
and high pressures. In a qualitative way, this has been con- 
firmed by experiments. In accordance with Eq. (16.22), it 
should be possible to compute juior any gas, under any set of 
conditions of temperature and pressure, when Cp and an equation 
of state valid in this region are available. 

Except for problems of a mechanical nature, the most efficient 
operation of a Joule-Thomson liquefaction unit depends upon the 
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determination of operating pressures and temperatures at which 
the maximum fraction of the gas passing through the throttle 
valve can be liquefied. Obviously, the larger this fraction can 
be made, the smaller will be the amount of gas to be recycled 
and the smaller the compression work and size of equipment for 
a given rate of production. The principles involved in the deter- 
mination of these optimum conditions are discussed in subse- 
quent paragraphs. 

Consider the passage of 1 mole of a gas A through a throttling 
valve under conditions such that a definite fraction F of 1 mole is 
condensed as liquid on the low-pressure side. The change of 
state is expressed by the equation 

= FAa){P^,TB) + (1 - F)A,,^{PM (16.23) 

and, since AH = 0, 

Hi - FH^) + (1 - F)H2, (16.24) 

where Hi = enthalpy of 1 mole of gas on the high-pressure side, 
f.e., at the fore-pressure Pi and the fore-temperature 
Ti. 

H 2 = enthalpy of 1 mole of gas at the effluent pressure Po 
and temperature T 2 . 

H(^i) ^ enthalpy of 1 mole of the liquid boiling at the tem- 
perature Tb, corresponding to the saturation 
pressure P 2 . 

Solving Eq. (16.24) for F gives 

y. (16,25) 

JI2 ““ £12 — I1{1) 

If the enthalpy of the liquid at the effluent pressure and tempera- 
ture Tb is taken as the reference level for calculating enthalpies, 
then 

F = EigJh. (16.26) 

II2 

The enthalpy of 1 mole of gas at the pressure P and tempera- 
ture T referred to the zero point may be computed from the 
relation 

dP, 




(16.27) 
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where Cp° represents the molar-heat capacity of the gas at 1 
atmosphere pressure or less. The enthalpies in Eq. (16.26) are, 
therefore, expressed by the relations 

= C'/dT + (0)^^ dP - Ha), (16.28) 

- X’'' + r <“■*> 


Substituting these two equations in (16.26) yields 



By substituting for dHfdP in terms of (16.22) the following 
alternative form may be obtained: 


F = ^ r''c/dT-L r\^C^)T,dP 

liijTi rill Jo 

+ {^C^)T,dP. (16.31) 

Examination of these last two equations shows that the first 
integral on the right-hand side contributes a small term, which 
is roughly proportional to T 2 — Ti and not sensitive to pressure. 
In fact, in a good liquefier the temperature of the effluent gas is 
elevated practically to the temperature of the inlet gas by means 
of efficient heat interchange; therefore, the first integral equals 
zero. For an ideal liquefier the fraction condensed as liquid may 
then be computed from the relation 

- - F.xr - eX? - ’’(s),]. 

(16.32) 

The problem of determining the temperature and pressure at 
which F is a maximum is then a mathematical one, which may be 
solved when ji and Cp are known as functions of temperature, or 
when an accurate equation of state is available for substitution 
in the second integral of Eq. (16.32). The conditions for the 
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maximum are then determined by the usual method; that is, 

(I?), - » “<* (f), - “• 

In order to solve these equations mathematically, it is necessary 
that the equation of state be accurate over a wide enough range 
to include the conditions for the maximum. Since this is not 
usually the case, the more convenient procedure is to calculate 
F by graphical integration of Eq. (16.32) in a range of conditions 
dictated by such practical considerations as available fore- 
temperatures and pressures, and the inversion characteristics 
of the gas in question. 

Referring to Eq. (16.22), it will be noticed that fx can be posi- 
tive, zero, or negative, depending on whether T{dV/dT)p is 
greater, equal to, or less than V. Thus, depending on the pres- 
sure and temperature, the gas may cool or heat or show no 
temperature effect on expansion. The temperature and pressure 
at which the gas neither heats nor cools are called the inversion 
point. If, for simplicity, the gas is assumed to conform to the 
van der Waals equation of state, it can be shown^’^'*^^ by making 
the appropriate substitutions in the condition for inversion, i.e., 

^(s), 

that for any pressure there are two temperatures satisfying this 
equation. In other words, for a given pressure there are upper 
and lower inversion temperatures at which the gas neither heats 
nor cools on expansion. Above the upper and below the lower 
inversion temperature, the gas heats when expanded; at tempera- 
tures in between the inversion points, the gas cools. In general, 
the choice of fore-temperatures is largely dictated by the cost 
of the refrigeration required to attain a certain degree of pre- 
cooling; consequently the fore-pressure should be chosen so that 
the already selected fore-temperature is not above the upper or 
below ithe lower inversion points corresponding to this pressure. 
Inversion temperatures or pressures may be estimated from the 
following correlation of the experimental data on inversion 
conditions, given by Jakob:® 

Pr = 23.37 - l.mRTr - 

R^Tr^ 


(16.36) 
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In this equation Pr and Tr are the usual reduced pressure and 
temperature, respectively, and R = RTc, PeVc. 

If, in addition to fixing the fore-temperature, the low-pressure 
side of the throttling valve is operated at 1 atm., then the only 
other condition remaining to be chosen is the fore-pressure. 
Referring to Eq. (16.32) for the fraction condensed in an ideal 
liquefier, it vdll be noticed that this equation may be rewritten 

" - r (i)n ‘ r [’’ ^ 

where k is the reciprocal of the enthalpy of the efiiuent gas at 
1 atm. and the fore-temperature. Differentiating this equation 
vith respect to pressure and equating to zero show that for fixed 
fore-temperature the maximum fraction liquefied is obtained 
when 

In other words, optimum operation is obtained when the fore- 
pressure corresponds to the inversion pressure for the chosen 
fore-temperature. 

5. Calculation of Maximum Fraction of Hydrogen Liquefiable. 

Illustration 4. — ^Assuming that H 2 precooled to the freezing point 
of nitrogen (63.1°K.) is to be expanded to 1 atm. pressure in an 
ideal Joule-Thomson unit, estimate 

a. The optimum fore-pressure to which the H 2 should be 
compressed. 

6. The maximum fraction of the hydrogen liquefiable under 
these conditions of operation. 

Solution, — a. Equation (16.35) may be used to estimate the 
inversion pressure corresponding to 63.1°K. from the critical 
constants To == 33.2°E:., Pc = 12.8 atm., and R = 3.27. Sub- 
stituting these data in Eq. (16.35) gives the following equation 
for the inversion pressures of i? 2 : 


Pi = 299 - 1.48T 


23.5 • 10^ 

jr2 


At 63®K., Pi is computed to be 146 atm. 

h. Equation (16.32) may now be used to estimate the maximum 
fraction liquefiable when hydrogen is expanded from 146 to 
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1 atm. To do this, available PVT data at low temperatures 
should be employed in order to integrate this equation graphi- 
cally. However, for the purpose of estimating the fraction 
liquefied, the modified Beattie-Bridgman equation of state for 
hydrogen in the form 

F = ^ + ^ + ^, + (16.38) 

will be used. In this equation 

^ = RTB^ - ^0 - 

7 = -RTB,h + A,a - 

RBobc 
^ T“ ^ 
where Ao = 0.1975. 

a = -0.00506. 

Bo = 0.02096. 
b = -0.04359. 
c = 5.04 • 10^. 

R = 0.08206. 

Consequently, at 63.1‘’K., 

^ = -0.0989. 

7 = +0.00353. 

6 = -9.5 • 10-«. 


Making the appropriate substitutions in Eq. (16.36) gives 



Integration of this equation yields 



2/S 

RT 



3t ^ A 
RT ^“7 2RT 


The quantity H 2 represents the enthalpy of 1 mole of hydrogen 
gas at 63.1°K. and 1 atm., referred to the enthalpy of 1 mole of 



Sec. 6] 


LIQUEFACTION OF GASES 


325 


the liquid at the normal boiling point as zero. The heat of 
vaporization of hydrogen is 216 cal. at 20.4°K. (B-R); from 
Giauque^s^ tabulation of the internal energy of gaseous hydrogen, 
it will be seen that the difference in internal energy of the 3:1 
ortho-para mixture is negligible between these two temperatures. 
The difference between the enthalpy of 1 mole of the gas at 
63.rK. and at 20.4°K. is, therefore, ^J?(63.1 - 20.4), or 
212 cal. H 2 is, therefore, equal to 428 caL/mole, or 17.75 
liter-atm. Substituting these data in Eq. (16.39) gives 

F = (9.14 - 2.21 + 0.427) = = 0.414. 

According to this calculation, the maximum fraction of the 
hydrogen liquefiable when the fore-temperature is 63.1®K. is 
41.4 per cent. However, Keyes, Gerry, and Hicks,® on the basis 
of some actual PVT data in this range, have computed a value of 
30 per cent for the maximum fraction liquefiable under these 
conditions. This discrepancy emphasizes the importance of 
using actual PVT data corresponding to the conditions of interest, 
rather than extrapolated equation-of-state data. In general, the 
accuracy of equations of state near the critical region or at very 
low temperatures is not too good. If the Berthelot equation of 
state had been used, a value around 80 per cent would have been 
obtained for the maximum fraction liquefiable. 

6. Estimation of Joule-Thomson Coefficients. — In certain 
cases where the net effect of free expansion involves only a 
cooling of the gas, it is possible to estimate Joule-Thomson 
coefficients from fugacity charts. According to Eq. (5.38), the 
change of fugacity with temperature at constant pressure is 
given by the relation 



where — H is the enthalpy change accompanying the vapor- 
ization of 1 mole of the substance from the pressure P to 1 atm., 
or less, at the temperature T. 

If the change of state accompanying free expansion from the 
pressure Pi to 1 atm. is represented by the scheme 


A(ff)(Pi,Ti) = A(o)(1,T2), 


(16.40) 
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then, since AH = 0 for this process, it must also follow that 
AH = 0 for the process in which the gas is expanded isothermally 
from Pi to 1 atm., followed by cooling from Ti to at 1 atm. 
pressure. The following equation is thereby obtained: 

P(l,Ti) - P(Pi,Ti) + Ti) = 0. 

Since the enthalpy term F(l,Ti) is to be identified with H\ it 
follows that 

H' -H = Cp(Ti - T 2 ). (16.41) 


It should be noted that P' — P is the enthalpy change at the 
fore-temperature, and Cp is the heat capacity at the effluent 
(low) pressure. 

Substitution of Eq. (16.41) in (5.38) yields 


or 



(16.42) 

(16.43) 


In using Eq. (16.43) to calculate the temperature drop accom- 
panying expansion, T and P correspond to the fore-temperature 
and pressure Ti and Pi, and (d In f/dT)p must be evaluated from 
Fig, 3, Chap. V, at a temperature close to Ti. That is, the 
change in In / per degree absolute is required in the neighborhood 
of the fore-temperature at the pressure Pi. This change is 
given approximately by the relation 



(16.44) 


The approximate integral Joule-Thomson coefficient may 
then be computed from the relation 




Ti - T2 

Pi - r 


(16.45) 


7. Magnetic Cooling. — ^This method is of great scientific 
interest since by means of it temperatures within a few thou- 
sandths of a degree of the absolute zero have been attained. In 
a rough, qualitative way the essence of the method is about as 
follows: When a magnetic substance is placed in a magnetic field 
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of strength H, the magnetic dipoles, of which the substance is 
composed, undergo orientation in the field by an amount depend- 
ing primarily on the ratio of the potential energy of the dipoles 
in the field to the thermal energy possessed by the dipoles. 
Obviously, the extent of orientation vdll increase vdth decreasing 
temperature, oving to the decreasing thermal energy of the 
dipoles. Since any process that substitutes a more ordered 
arrangement for a less ordered one is accompanied by a decrease 
in entropy, the substance liberates a definite amount of heat 
during the magnetization process. If this heat is absorbed by 
suitable interchange with a cooled body at To, and if the mag- 
netized body at To is then transferred to a well-insulated evacu- 
ated container while maintaining the field constant, then no 
further temperature change will occur. If, now, the magnetic 
field is reduced to zero, the dipoles can once more revert to their 
former less ordered state of motion. However, since the system 
has been made adiabatic, the energy necessary to bring about 
this change must be derived from the internal energy of the 
substance; consequently, adiabatic demagnetization is accom- 
panied by a drop in temperature. 

The quantitative relationships involved are sketched below: 
The first law of thermodynamics modified to include the work 
done on the system by the action of the magnetic field is expressed 
by the equation 

dQ = dE + PdV - Hdm, (16.46) 


where m is the component of the magnetization possessed by 
1 mole of the substance in the direction of the magnetic field. 
The entropy increase accompanying a reversible change is, 
therefore, 


dS 


T 


+ P 


dV 

T 



(16.47) 


For a reversible, adiabatic process at zero pressure, dS = 0 and 
P = 0; therefore 


dE __ mm 
T T 


(16.48) 


Since adiabatic demagnetization is usually performed at very 
low temperatures (<0.7°K.) where the Debye third power law 
is valid, 


dE = C.dT = aTMT; 
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consequently 

J T rT,0 jr 

aTHT - ™ dm. (16.49) 

To Jro.Ho ^ 

Integrating the left-hand side of this equation 5 delds 

q ^r.OTT 

T3 = To* + M f dm. (16.50) 

« jTo,no I 

In order to compute the temperature T, to which the system 
originally magnetized at To will drop when the field Ho is removed, 
it is necessary to express m as a function of H and T before 
integrating Eq. (16.50). This has been done for certain idealized 
substances, but the results are so complicated that the papers of 
Giauque,® Debye, ^ and de Haas^ should be consulted for the 
details of the theoretical and experimental results. Thus far the 
lowest temperatures have been obtained by means of adiabatic 
demagnetization of mixed potassium, chromium, and aluminum 
alums. 
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CHAPTER XVII 
FLUID FLOW 


In previous chapters an attempt has been made to present 
some of the types of problems encountered in plant design, which 
are amenable to thermodynamic analysis. Since most industrial 
chemical operations are carried out in flow systems, it is certainly 
true that the design of pipes, pumps, etc., required to introduce 
and withdraw the reactants and products from the system, is of 
equal importance to the design of the reaction vessel itself. A 
brief discussion of the fundamental principles involved in the 
flow of fluids and their application to a number of different 
problems are presented in this chapter. 

The quantitative principles to be set forth may be employed 
in solving three principal types of problems: (1) estimation of 
power requirements for transferring fluids at specified rates of 
flow, (2) measurements of rates of flow, and (3) compression 
of fluids. For simplicity, only the flow of homogeneous liquids or 
gases, under steady-state conditions of operations, will be con- 
sidered. No attempt will be made to treat sections of systems in 
which chemical changes are taking place, since the modifications 
in the procedure, required in order to allow for chemical energy 
effects, may be made on the basis of the principles discussed in 
preceding chapters. 

1. The First Law of Thermodynamics for Flow Processes. — 

Owing to the fact that fluids in motion possess kinetic energy, as 
well as potential energy with respect to some conveniently 
chosen elevation, the first law of thermodynamics in the con- 
ventional nonflow form 

AE = Q-W (17.1) 

must be modified in order to include these forms of energy, in 
addition to the internal energy of the system. Furthermore, 
it will be found necessary to distinguish between the total 
external mechanical work the system does in running an engine, 
and the work required to introduce and expel any given quantity 
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of the fluid from the portion of the system under consideration — 
the flow work. 

Thus the total energy brought into the fore-section of the 
apparatus by the unit mass of the flowing fluid is 

where E represents the internal energy, x the potential energy, 
and the kinetic energy. Between the fore-section and the 

exit section, the unit mass of fluid absorbs Q units of heat from 
the surroundings and performs units of external mechanical 
work. The total work performed by the fluid is, however, 

Wt=^W. + P 2 V 2 - PiVi, (17.2) 

where PiVi represents the work done on the unit mass in forcing 
it into the apparatus at the pressure Pi, and P 2 F 2 is the work 
done by the same quantity on leaving the apparatus. The F’s 
represent specific volumes of the fluid at the two pressures. 

The total energy carried out of the apparatus 

a + + 

must, therefore, be equal to the total energy entering, plus the 
heat absorbed, minus the total work performed in the apparatus. 
Thus, 

E 2 + X2 + = El + xi + -h Q 

- {We + P 2 F 2 - PiFi). (17.3) 

Hence 

AE + A{x) + A = Q-[We + A(P7)] (17.4) • 

or 

AEt = Q - Wr, (17.5) 

where the subscripts indicate totals of all forms of energy or work 
involved in the flowing fluid between any two sections of the 
apparatus under analysis. The similarity of the flow form 
of the first law expressed by.Eq. (17.5) to the nonflow form given 
by (17.1) is to be expected. Equation (17.4) may also be written 

AH -b A{x) + A 


= Q -We, 


(17.6) 
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where the enthalpy change has been substituted for + A(P7). 
This equation readily leads to the previously derived equation 
for the Joule-Thomson expansion of a gas through an adiabatic 
throttling valve, by noting that Q, We, and A(a:) are zero under 
the conditions of this process, and that A(U^/2g) is insignificant; 
consequently 

AH = 0. 

Referring to Eq. (17.2) it will be noted that the total reversible 
mechanical work performed — say, in expanding or compressing 
a gas — ^is Wt] therefore, 

Wt = = We + A(PV) 

or 

We = -fp ' VdP. (17.7) 

That is, in a flow process the net external, reversible mechanical 
work performed by the system is minus the integral VdP, whereas 
in a nonflow process it is the integral PdV. Expressed in 
different words, the net external, reversible work in a flow 
process equals the integral PdV, minus the flow work. In the 
Joule-Thomson expansion, flow work only is performed. 

2. The Available Energy Balance for Flow Processes. — As a 
matter of experience, it is known that the mutual transformations 
of the various forms of energy and of heat into work in actual 
processes are accompanied by a degradation of energy into less 
useful forms. For this reason the foregoing statement of the 
first law — or the law of conservation of energy — ^is of less impor- 
tance in practical applications than the statement of the available 
energy balance, known as Bernoulli's theorem. This equation 
may be derived from Eq. (17.3) as follows: Owing to the occur- 
rence of irreversible processes in the flowing fluid, the actual 
energy possessed by the unit mass of the effluent fluid is not given 
by the left-hand member of Eq. (17.3), but contains a factor that 
represents the loss of energy per unit mass of flowing fluid due to 
friction. Thus Eq. (17.3) becomes 

E2 + x^ + ^+F = E, + xi + ^ + Q 

- (We + P^v^ - PiFi), (17.8) 
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where F represents the energy loss due to flow friction between 
the two sections under consideration. Furthermore, although 
the fluid suffers a decrease in energy equal to We units, the actual 
energy TV' delivered by an engine will be less than TF^, owing to 
the friction losses F', occurring in the engine; consequently 

TF, = TV' + F. (17.9) 

Equation (17.8) then becomes 

+ A(x) + A + A(PF) + 

(17.10) 

where 2F = F + F'. 

If AF — Q is replaced by the equivalent reversible work for 
a nonfiowr process, operating between the same pressure-volume 
limits, the following equation is obtained: 

- J PdV + A(P7) + A(x) + A ^ (17.1 1) 

or 

I* VdP + A(2) + A + -W'. (17.12) 

Equation (17.12) is usually referred to as Bernoulli’s theorem. 
It should be noted that SP represents the total loss of energy 
(degraded energy) experienced by the unit mass of flowing fluid, 
owing to frictional causes between sections 1 and 2; and W 
represents the net work actually delivered, per unit mass of fluid, 
by an engine actuated by the flowing fluid. 

3. The Material Balance. — ^For the assumed conditions of 
steady flow, it is obvious that the quantity of matter passing any 
given section per unit of time must be equal to the quantity 
passing any other section per unit of time. Unless this statement 
were true, matter would tend to accumulate in some sections and 
to be exhausted in other sections. The material balance may be 
expressed by means of the equations 

(7iAi = = • • • = QxA-x 

or 

P\XJ ~ pzUzAz — ■ * ■ = pxUx-Ax 
or 

TJiAi __ TJiAi UxAx 

"TT ~ “TT - • • ' “ F, • 


(17.13) 

(17.14) 

(17.15) 
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In these equations the G’s represent mass velocities, the A’s 
cross-sectional areas, the p^s densities, the i7’s average linear 
velocities, and the F^s specific volumes. 

4. The Friction Equation. — Since thermodynamics is powerless 
to treat irreversible phenomena which are in any way dependent 
on rate factors, it is necessary to resort to various empirical 
correlations of experimental data in order to evaluate the friction 
loss (F) due to irreversible flow' phenomena. By means of 
dimensional analysis, it may be shown (see Walker, Lewis, 
McAdams, and Gilliland, p. 75)^ that, for steady flow in circular 
sections, 

dF = 2f{^^^, (17.16) 

where dL is a differential element of pipe length and 

2/ = <t>iDUp/n) == 2f<l>(Re). 

That is, the factor / is a function of the Reynolds number, which 
is defined by the relation 

Re = (17.17) 

where D and p represent the pipe diameter and fluid viscosity, 
respectively. Since the Reynolds number is a dimensionless 
group, any self-consistent set of units may be used to evaluate 
this quantity. 

A plot of the logarithm of the experimentally determined 
values of / vs. the logarithm of Re gives two lines of distinctly 
different slopes, separated by a more or less indefinite region 
between Reynolds' numbers, 1,200 to 2, 100. Visual observations 
indicate that below a Reynolds number of 1,200 the flow is 
essentially streamlined or viscous, and above 2,100 the flow is 
turbulent. The region between 1,200 and 2,100 is a transition or 
critical region. In the viscous region the function / has been 
experimentally found to be equal to 16/ Re', consequently 

dF = ^ dL. (17.18) 

That is, the energy loss per unit mass of fluid per unit length of 
pipe is proportional to the first power of the velocity and of the 
viscosity. This is the familiar Poiseuille's equation for capillary 
flow. 
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In the region of turbulent flow, / cannot be expressed as a 
simple function of Re] accordingly, the friction factor/ correspond- 
ing to any specified flow conditions must be obtained from one 
of the standard plots of / vs. Re- The value of F computed by 
this method may then be substituted in Bernoulli’s equation in 
order to solve the given flow problem. It is still, how^ever, neces- 
sary to make allowances for the engine friction losses F' in order 
to evaluate W'. Since f or the efl&ciency, is very often a well- 
known operating characteristic of a particular type of engine, 
Bernoulli’s equation, as expressed by means of Eq. (17.12), is in 
suitable form for solving the given problem, in conjunction wdth 
the equations for the first law energy balance and the material 
balance. 

The foregoing discussion of the method to be used for esti- 
mating flow friction losses has been confined to straight pipes of 
circular cross sections. A considerable body of correlated 
experimental data is available for estimating friction losses in 
noncircular flow sections, in bends, valves, and other types of 
fittings. These procedures are discussed in detail in the standard 
textbooks of chemical engineering. 

5. Nonadiabatic Flow of Compressible Fluids. Illustration 1. 
Ethylene enters an unlagged section of horizontal pipe at a 
temperature of 427°C., under a pressure of 50 atm. At a second 
section the temperature of the gas has fallen to 360°C., but the 
pressure drop is negligible. The mass velocity of the ethylene is 
constant and equal to 80,000 lb./(hr.)(sq. ft.). Compute the 
heat lost between the two sections per pound of ethylene. 

Solution , — The heat lost to the surroundings may be computed 
from the first law energy balance, expressed by means of Eq. 
(17.6). In this case A(a:) and We are zero, and Eq. (17.6) 
reduces to 

Q = (17.19) 

The enthalpy change between sections 1 and 2 may be esti- 
mated as follows: The enthalpy of 1 lb. mole of C 2 H 4 , at 360°C. 
and 50 atm., referred to the zero point is given by the equation 

( 17 . 20 ) 
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where Cp^ represents the molar-heat capacity at 1 atm. pressure 
or less. Similarly, the enthalpy at 427°C. and 50 atm. is given 
by the equation 


Htoo = 


J ^700 
0 


Cp^dT + 



and, therefore, 


AH 



Cp°dT + 




(17.21) 

(17.22) 


In illustration 2, Chap. VII, the molar-heat capacity of C2H4 was 
computed and expressed by means of Eq. (7.64); consequently 
the first integral on the right side of (17.22) equals 


(3.075 + 2.91 ■ lO-^r - 9.48 - 10-^T-)dT = -1,230 C.h.u. 

The second integral may be estimated from Eq. (2.20), which is 
the integral of Eq. (2.18), using the Berthelot equation of 
state. The equation obtained for this integral is 


r° \ 


700. 


dP = 


162RTc^AP 

12SPcTi^-T2- 

(17.23) 


where the critical temperature of C2H4 equals 282.8°K., and the 
critical pressure, 50.9 atm. Substitution of appropriate values 
in this equation yields —26.2 for the contribution of this integral 
to AH ; consequently 


All (total) = -1,230 - 25.2 = -1,255 C.h.u. 
or 

AH per pound of C2H4 == —44.8 C.h.u. 

Since the contribution of the second integral to the total enthalpy 
change is only 2.0 per cent, the error introduced by neglecting 
the effect of pressure on enthalpy would not be serious. How- 
ever, where large temperature and pressure differences are 
involved, this factor cannot be ignored at elevated pressures. 

The change in kinetic energy may be computed as follows: The 
mass velocity of the ethylene equals 80,000 lb./(hr.)(sq. ft.); 
hence 


80,000 = piUi = 
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The densities of ethylene, under the specified conditions of tem- 
perature and pressure, may be estimated from the equation 

"" C(1.315)(r)’ (1^-24) 

where P equals the pressure in atmospheres, T equals degrees 
K, C is the compressibility factor, as read from Fig. 4, Chap. V, 
and p is the density in pounds per cubic foot. 

The reduced pressure equals 0.998, and the initial and final 
reduced temperatures equal 2.47 and 2.24, respectively. Within 
the accuracy of compressibility charts, C is the same for these 
two temperatures; hence the difference in U is due to the tem- 
perature difference. Using a value of unity for C, gives pi = 1.52 
and p 2 = 1.68 Ib./cu. ft. The corresponding velocities are 
Ui == 14.6 ft./sec. and Un = 13.2 ft./sec.; therefore 

)■ (SI) - (m‘) - 

or C.h.u. per pound = — = —4.3 * 10”^. 

Thus the total heat loss per pound of ethylene is 
Q = -44.8 - 4.3 * 10-4 = -44.8 C.h.u. 


These calculations illustrate the point that, unless the tempera- 
ture and pressure drops are relatively large percentages of the 
inlet pressure and temperature, the contribution of the kinetic 
energy to the total heat loss is negligible. 

6. Recovery of Work from Compressed Gases. Illustration 
2. — It is required to recover the energy stored in a gaseous mix- 
ture, under a pressure of 10 atm., by expansion in a suitable engine, 
down to a pressure of 1 atm. The gas mixture contains chiefly 
97 per cent N 2 , plus 3 per cent O 2 by volume. The compressed 
gases leave the top of an absorption column at 30°C. and 10 atm. 
pressure, at an elevation 45 ft. above the exhaust pipe (3.07 in. 
I.D.) of the engine. The mass velocity of the gas through the 
1.05 in. I.D. pipe, connecting the absorption unit to the engine, 
equals 127,000 lb./ (hr.) (sq. ft.). Assuming isothermal operation, 
compute (a) the maximum work theoretically recoverable per 
pound of gas passing through the engine; (6) the total heat that 
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must be absorbed from the surroundings in order to maintain 
isothermal conditions per pound of gas. 

Solution, — a. Bernoulli’s equation in the form 

J YdP + A(z) + A + F = - TFe (17.25) 

may be directly applied in this case. In the foregoing equation 
F represents the friction loss per pound of gas between the top 
of the absorption tower and the entrance to the expansion engine, 
and We represents the maximum work theoretically recoverable 
per pound of fluid in operating the engine. The actual work 
withdrawn from the engine shaft will, of course, be less by the 
friction losses in the engine itself. 

Since at 10 atm. and 30®C. the compressibility factor of N 2 is 
but slightly greater than unity, the gaseous mixture will be 
treated as a perfect gas of molecular weight 28.11. At the top 
of the tower (section 1) pi = 0.706, and at the exhaust of the 
engine (section 2) p 2 = 0.0706 Ib./cu. ft. The viscosity of air 
at this temperature is 1.8 • 10”^ poise, which will be assumed 
as the value for N 2 under a pressure of 10 atm. The viscosity in 
English units, with time in hours, is therefore 

(1.8 • 10-")(242) = 4.36 • 

The Reynolds number in the connecting pipe is 



(1.05) (127,000) 
(12)(4.36 • 10-2) 


= 255,000. 


From the plot of / vs. Re, on page 78 of Walker, Lewis, McAdams, 
and Gilliland,^ the corresponding friction factor, /, to be sub- 
stituted in Eq. (17.16) for computing the friction loss for flow 
through straight pipes, has the value 0.0045. Neglecting the 
loss in bends, the total loss of energy per pound of gas in the 45 ft. 
of vertical connecting pipe would be 


Equation (17.16) has been integrated in this case on the assump- 
tion that U does not change appreciably in the connecting pipe. 
From the specified mass velocity, 



338 


APPLICATIONS 


[Chap. XVII 


„ 127,000 , 

(0.706) (3,600) ^>0ft-/sec. 

and, therefore, F = 360 ft. Ib./lb. or 0.257 C.h.u./lb. 

The velocity in the exhaust pipe of the engine may be com- 
puted from the material balance in the form 


hence 


127,000.4 1 
3,600 


0 . 0706 ^ 2 . 42 ) 


127,000 / DX- 

(0.0706) (3,600) \Dj 


58.5 ft./sec. 


Substituting the appropriate values in Eq. (17.25) yields 


RT dP 45 58.52 _ 502 ^ _ 

28.11 Jio P 1,400 (64.3)(1,400) 

- 49.3 - 0.0321 + 0.0102 + 0.257 = -We, 

or We = 49.06 C.h.u. theoretically recoverable per pound of gas 
by 100 per cent efficient expansion. It should be noted that the 
effect of the potential, kinetic, and frictional contributions on 
the sum, —We, is negligible compared to the VdP term in this 
particular instance. 

b. The total heat that must be absorbed from the surroundings 
in order to maintain isothermal conditions may be computed 
from Eq. (17.6). Thus 

Q=: AH + A(x)+ A + We. 

Since the process is assumed to be isothermal, the enthalpy 
difference is given by the term 


which may be approximated by Eq. (2.20), if the Berthelot 
equation of state is assumed for nitrogen; therefore 


AH 


9RTe f 

128P. \ 


- 18 



(1 


10 ). 
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Substituting Tc == 126.1, Pc = 33.5, and T = 303"^ gives 
AH = 10 C.h.u./lb. mole, or 0.356 C.h.u./lb. 

The total heat absorbed is, therefore, 

Q = 0:356 - 0.0321 + 0.0102 + 49.06 = 49.39 C.h.u. /lb. of gas. 

7. Flow of Gases Accompanied by Large Temperature Drop. 

Illustration 3. — Air enters a 16-ft. length of a horizontal heat 
interchanger tube at 300°C. and 1.2 atm. pressure and leaves at 
160°C. If the internal diameter of the tubing equals 1.05 in., 
and the mass velocity of the gas equals 15,000 lb. /(hr.) (sq. ft.), 
estimate the pressure drop in the tube. 

Solution , — Substituting W' — 0, A(r) = 0, and 


in Eq. (17.12) gives 

or 

VdP + dL = 0. (17.26) 

Since the mass velocity is constant and equal to [//F, where 
V is the specific volume, Eq. (17.26) becomes 


or 


GWdV GW- 

VdP + ^ - + 2f^^dL = 0 

g Dg 


dP , G^-dV -2fG^^ .r 

T + TT = 


Substituting V = RT/2QP yields 


29PdP + 


GmTdV 

gv 


- 2(?2 

Dg 


(RTf)dL. 


(17.27) 


Equation (17.27) contains four dependent variables :P, T, V, and 
/, which are functions of the independent variable L; conse- 
quently this equation cannot be solved without making some 
simplifying assumptions. In the first place, it will be shown 
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that variations in / under the specified conditions may be neg- 
lected. The inlet Reynolds number is 


Re 


DG _ (0.0875) (15,000) 
M (0.0726) 


= 18,100 


and the exit Reynolds number is 


P _ (0.0875) (15,000) 
(0.0605) 


21,700. 


Referring to the plot of / vs. Ref mentioned in the preceding 
illustration, it will be found that the inlet and exit values of / are 
0.0075 and 0.0072. In view of this minor change in /, the error 
introduced by using the constant value 0.0074 is negligible. 

If the pressure drop through the tube is assumed to be small, 
then the change in V is largely determined by the temperature 
drop; therefore 

^ ^dT 
V r* 


Furthermore, if the drop in temperature through the tube is 
assumed to be a linear function of the length of tube, then 

r - 573 - 8.75L. 

Substituting these simplifications in Eq. (17.27) gives 

(573 - s.75L)dL, 

which, when integrated between limits, yields 

14.6(P22 - Pi®) + - ^ . 0 

= — (573L - 4.38L®). (17.28) 

With P expressed in pounds per square foot, R equals 2,780 
ft.-lb./(lb. mole) (deg. K.), g equals 32.17 ft./sec.®, and G equals 
4.16 lb./(sec.) (sq. ft.). Substitution of the specified values of 
Pi, Tt, Ti, and L in this equation and solving give 


P* = 2,510 Ib./sq. ft., 

or 1.186 atm. Thus it will be seen that the original assumption. 
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that the pressure drop through the tube is small, has been con- 
firmed by these calculations. 

The assumption that the air temperature decreases linearly 
with tube length is not too good. However, in view of the fact 
that the over-all pressure drop is small, uncertainties introduced 
by this assumption are not important. If a more precise solution 
w^ere required, a second differential equation could be set up, 
expressing the over-all rate of transfer of heat from the air to the 
cooling medium surrounding the interchanger tube. These two 
equations could then be solved simultaneously by the numerical 
procedure employed in earlier chapters. 

Reference 

1. Walker, Lewis, McAdams, and Gilliland: “Principles of Chemical 
Engineering,’’ McGraw-Hill Book Company, Inc., New York, 1937. 
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T.able 1. — Molab-heat Capacities of Gases at Constant Pressure 

[Cal. / (mole) (deg. ) ] 


Gas 

Cp = a + hT d- cT^ 

Range, °K. 

Ho 

6.62 

0.81 • 10-’ 


273 to 2500 

HCl 

6.70 

0.84-10-3 


273 to 2000 

HBr 

6.80 

0.84-10-3 


273 to 2000 

HI 

i 6.93 

0.83 - 10-3 


273 to 2000 

Na 

6.76 

0.606-10-3 

0.13 • 10-3 

300 to 2500 

0, 

6.76 

0.606 - 10-3 

0.13 - 10-3 

300 to 2600 

CO 

6.60 

1.2-10-3 


300 to 2600 

Fa 

6.50 

1.00 • 10-3 


300 to 3000 

Clo 

8.28 

0.56 • 10-3 


273 to 2000 

S2 

7.75 

0.89 • 10-3 


300 to 1500 

SO 1 

6.99 

1.4-10-3 

i 

300 to 1500 

COo 

7.70 

5.3-10-3 

-0.83-10-3 1 

300 to 2500 

HoO 

8.22 

0.15-10-3 

1.34-10-3 

300 to 2500 

H 2 O 

7.00 

2.77 - 10-3 


300 to 1500 

H 2 S 

7.15 

3.32 • 10-3 


300 to 1800 

SO 2 

7.70 

5.30 • 10-3 

-0.83 - 10-3 

300 to 2500 

NH3 

6.70 

6.30 • 10-3 


300 to 800 

CH 4 

5.34 

11.5-10-3 


273 to 1200 


T.vble 2. — Molar-heat Capacities of Gases at Constant Pressure 

[CaL/(mole)(deg.)] 


Gas 

Cp = a + hT 

cr-2 

Range, °K. 

NO 

8.06 

0.233 • 10-3 

1,563 - 105 

273 to 5000 

O 2 

8.27 

0.258- 10-3 

1.877-105 : 

300 to 5000 

CO 2 

10.34 

2.74-10-3 

1.955*105 

273 to 1200 

CS 2 

13.75 

0.49 ■ 10-3 

3.38-105 

300 to 1800 

COS 

12.89 

0.83 - 10-3 

3.60 - 105 

300 to 1800 

HCN 

10.13 

2.08 • 10-3 

2.49-105^ 

400 to 1500 

SO 2 

11.4 

1.414-10-3 

2.045-105 

300 to 2500 

NH 3 

7.12 

6.09 • 10-3 

0.398-105 

300 to 1400 

CH 4 

6.73 

10.2-10-3 

1.118* 105 

300 to 1200 
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Table 3. — Molar-heat Capacities of Solids at Constant Pressor® 

[Cal. / (mole) (deg. ) ] 


Solid 

Cp == a hT — 

. cT-3 

Range, °K. 

AlCU 

1 

13.25 

28.0 ‘ 10-3 


273 to 466 

BaCOa 

17.26 

13.1 • 10-3 


273 to 1083 

BaS04 

21.35 

14.1 • 10-3 


273 to 1323 

Bi203 

23.27 

11.05 • 10-» 


273 to 777 

CaO 

10.00 

4.84 • 10-’ 

1.08*103 

273 to 1173 

CaCOa 

19.68 

11.89 - 10-» 

3.076 - 103 

273 to 1033 

CaSOi 

18.52 

21.97 • 10-3 

1.568 • 103 

273 to 1373 

C (graph.) 

2.672 

2.617 • 10-3 

1.169 - 10® 

273 to 1373 

CuO 

10.87 

3.576 • 10-3 

1.506*103 

273 to 810 

FeO 

12.62 

1.492-10-3 

0.762 • 103 

273 to 1173 

ThCh 

15.88 

8.35 • 10-3 


273 to 771 

MgO 

10.86 

1.197 • 10-3 

2.087 • 103 

273 to 2073 

NiS 

9.25 

6.40 • 10-3 


273 to 597 

NH4CI 

9,80 

36.8 • 10-3 


273 to 458 

KCl 

10.93 

3.76*10-3 


273 to 1043 

KNO3 

6.42 

53.0 * 10-3 


273 to 401 

Quartz (a) 

10.87 

8.712 • 10-3 

2.412*103 

273 to 848 

AgCl 

9.60 

9.29 • 10-3 


273 to 728 

NaCl 

10.79 

4.2* 10-3 


273 to 1073 

ZnS 

12.81 

0.95 • 10-3 

1 1.946*105 

273 to 1173 


Note: Data in Tables 1, 2, and 3 are taken from various summaries by 
K. K. Kelley referred to in text. 
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Table E-1 


C. =3BE(rr) 


X 

0.0 



0.3 


0.5 

0.6 

0.7 

0.8 

0.9 

0 


5.953 

5.941 

5.917 

5.882 

5.838 

5.785 

5.723 

5.653 

5.574 

1 

5.488 

5.395 

5.294 

5.188 

5.076 

4.959 

4.837 

4.711 

4.582 

4.450 

2 

4.316 

4.180 


3.906 

3.768 



3.356 

3.222 


3 

2.958 


2.704 

2.581 

2.460 

2.344 

2.231 

2.121 


1.912 

4 

1.813 

1.717 

1.625 

1.538 

1.452 

1.371 

1.293 

1.219 

1.149 


5 

1.018 

0.957 


0.844 

0.792 



0.653 

0.611 

0.572 

6 

0.536 


0.466 

0.436 


0.379 

0.354 

0.330 

0.307 

0.286 

7 

0.266 

0.248 

0.231 

0.215 



0.172 

0.160 

0.149 

[nK« 

8 

0.128 

0.119 

m|m| 

0.102 





[iMtlfflhi 


9 







0.0372 


0.0310 


10 







VHH 




11 







X9 




12 











13 

3B 



■■■I 

Hi 



Bi 


BB 


1 Tables given in Appendices 2 and 3 are reprinted by permission from “Thermodynamics 
and Chemistry’' by MacDougall, published by John Wiley & Sons, Inc., New York. 
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Table E -2 



a; = 0 to 2.0 


X 

0 

1 

2 

3 

4 

5 

6 

7 

8 

9 

0.0 

5.961 

5.931 

5.902 

5.873 

5.844 

5.815 

5.786 

5.756 

5.727 

5.798 

0.1 

5.669 

5 640 

5.611 

5.582 

5.554 i 

5.526 

5.498 

5.470| 

5.441 

5 413 

0.2 

5.385 

5.357 

5.329 

5.301 

5.273 

5.245 

5.218 

5.191 

5.164 

5.137 

0.3 

5.111 

5.085 

5.058 

5.032 

5.006| 

4.979 

4.953 

4.926 

4.900 

4.874 

0.4 

i 4.848 

4 822 

4.796 

4 770 

4.7451 

4.720 

4.695 

4.670 

4.644 

4.619 

0.5 

4.594 

4.569 

4.544 

4.519 

4.494 

4.469 

4.445 

4.421 

4.397 

4 373 

0.6 

4.349 

4.325 

4.301 

4.277 

4.254 

4.231 

4.207 

4.184 

4.161 

4.138 

0.7 

4.115 

4.092 

4.069 

4.047 

4.024 

4.002 

3.979 

3.957 

3.935 

3.913 

0.8 

3.891 

3.869 

3.847 

3.825 

3.803 

3.781 

3.759 

3.738 

3.717 

3.696 

0.9 

3.675 

3.654 

3.634 

3.613 

3.593 

3.573 

3,552 

3.531 

3.511 

3.490 

1.0 

3.469 

3.448 

3.428 

3.408 

3.388 

3.368 

3.348 

3.328 

3.309 

3.290 

1.11 

3.271 

3.252 

3.233 

3.213 

3.194 

8.175 

3.156 

3.137 

3.119 

■ 3.101 

1.2 

3.083 

3.065 

3.047 

3.029 

3.011 

2.993 

2.975 

2.957 

2.939 

2.921 

1.3 

2.903 

2.885 

2.868 

2.851 

2.834 

2.817 

2.800 

2.783 

2.766 

2.749 

1.4 

2.732 

2.715 

2.698 

2.681 

: 2.664 

2.648 

2.632 

2.616 

2.600 

i 

2.584 

1.5| 

2.568 

2.553 

2.537 

2.521 

2.505 

2.489 

2.473 

2.457 

2.442 

2.427 

1.6| 

2.412 

2.397 

2.382 

2.367 

2.352 

2.337 

2.322 

2.307 

2.293 

2.279 

1.7 

2.265 

2.251 

2.236 

2.222 

2.208 

2.194 

2.180 

2.166 

2.152 

2.138 

1.8 

2.124 

2.110 

2.096 

2.083 

,2.070 

2.057 

2.044 

2.031 

2.018 

2.005 

1.9 

1.992 

1.979 

1.966 

1.953 

1.940 

1.928 

1.916 

1.903 

1.891 

1.878 


a; = 0 to 12.0 


X 

0.0 

0,1 

0.2 

0.3 

0.4 

0.5 

0.6 

0.7 

0.8 

0.9 

0 

5.961 

5.669 

5.385 

5 111 

4.848 

4.594 

4.349 

4.115 

3.891 

3.675 

1 

3 469 

3.271 

3.083 

2.903 

2.732 

2.568 

2.412 

2.265 

2.124 

1.992 

2 

1.866 

1.747 

1.635 

1.529 

1.428 

1.333 

1.243 

1.159 

1.081 

1.007 

3 

0.937 

0.872 

0.811 

0.754 

0.700 

0.650 

0.603 

0.560 

0.519 

0.480 

4 

0.444 

0.411 

0.381 

0.352 

0.326 

0.301 

0.278 

0.257 

0 237 

0.219 

5 

0.202 

0.186 

0.172 

0.158 

0.146 

0.134 

0.124 

0.114 

0.106 

0.098 

*6 

0.0891 

0.0818 

0.0752 

0.0691 

0.0635 

0.0584 

0.0536 

0.0492 

0.0452 

0.0415 

7 

0.0380 

0.0349 

0.0320 

0.0294 

0,0269 

0.0248 

0.0227 

0.0208 

0.0190 

0.0174 

8 

0.0160 

0.0146 

0.0134 

0.0123 

0.0113 

0.0103 

0.0094 

0.0086 

0.0079 

0.0072 

9 

0.0066 

0.0061 

0.0055 

0.0050 

0.0046 

0.0042 

0.0039 

0.0035 

0.0032 

0.0030 

10 

0.0027 

0.0025 

0.0023 

0.0021 

0.0019 

0.0017 

0.0016 

0.0014 

0.0013 

0.0012 

11 

12 

0.0011 

0.0004 

0.0010 

0.0009 

0.0008 

1 

o ’. 0008 

0.0007 

1 

0.0006 

i 

0.0006 

0.0005 

0.0005 
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Table E -3 
- 3/2 In (1 - c -^) 
a : = 0 to 2.00 


X 

0 

1 

2 

3 

4 

5 

6 

' 7 

! 

i ^ 

9 

0.1 

14.02 

13 45 

12.94 

12.48 

12 08 

11.69 

11.33 

11 00 

10 69 

10.43 

0.2 

10.18 

9.93 

9.69 

9.45 

9.22 

8.99 

8.78 

8.58 

8 39 

8 22 

0.3 

8.05 1 

7.88 

7.72 

7 56 

7.41 

7.27 

7.14 

7.00 

6 87 

6.74 

0.4 

6.62 

6.51 

6.40 

6 29 

6.18 

6.07 

5.96 

5.86 

5 76 

5 66 

0.5 

5.56 

5.47 

5.38 

5.28 

5.19 

5.10 

5.02 

4.95 

4.88 

4 81 

0.6 

4.74 

4.66 

4.59 

4 52 

4.45 

4.39 

4.32 

4.26 

4.20 

4.14 

0.7 

4.08 

4.02 

3.97 

3.92 

3.86 

3.81 

3.76 

3.71 

3.66 

3.61 

0.8 

3.55 

3.51 

3.47 1 

3.42 

3.38 

3.34 

3-29 

3.25 

3.21 

3.16 

0.9 

3 11 

3.07 

3.03 

3.00 

2.96 

2.93 

2.88 

2.85 

2.81 

2.77 

1 0 

2.734 

2.695 

2.658 

2.623 

2.590 

2.559 

2.528 

2.498 

2.468 

2.440 

1.1 

2.411 

2.382 

2.354 

2.326 

2.299 

2.272 

2.245 

2 . 217 i 

2.190 

2.163 

1.2 

2.136 

2.109 

2.083 

2.058 

2.034 

2.010 

1.986 

1.963 

1.940 

1.918 

1.3 

1.896 

1.874 

1.852 

1 830 

1.809 

^ 1.788 

1.768 

1.748 

1 728 

1.708 

1.4 

1.688 

1.669 

1.650 

1.631 

1.612 

1.593 

1.574 

1.556 

1 538 

1.521 

1.5 

1.504 

1.487 

1.471 

1.455 

1.439 

1 1.423 

1.407 

1.391 

1.375 

1.359 

1.6 

1.343 

1.328 

1.313 

1.298 

1.284 

1.270 

1.256 

1.242 

1.228 

1.215 

1.7 

1.201 

1.188 

1.174 

1.161 

1.149 

1.136 

1.124 

' 1.112 

1.100 

1.088 

1.8 

1.076 

1.064 

1.052 

1.041 

1.030 

1.018 

1.006 

0.995 

0 984 

0.973 

1.9 

0.963 

0.953 

i * 

0.942 

0.931 

1 

0.921 

0.911 

* 0.901 

0.892 

0.883 

0.874 


a ; = 0 to 7.00 
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DEBYE FUNCTIONS 

Table D-1 


„ / 1 \3 /•Xo x*e^dx 
C, = dRD(x) = 9R (e* - 1): 


X 

0.0 

0.1 

1 

0.2 

0.3 

0.4 

0.5 

0.6 

0.7 

0.8 

0.9 

0 

5.961 

5.96 

5.95 

5.94 

5.92 

5.89 

5.86 

5.82 

5.78 

5.74 

1 

5.676 

5.62 

5.55 

5.49 

5.42 

5.35 

5.27 

5.19 

5.10 

5.01 

2 

4.919 

4.83 

4.74 

4.65 

4.55 

4.44 I 

4.34 

4.24 

4.14 

4.04 

3 

3.945 

3.84 

3.74 

3.65 

3.55 

3.45 

3,36 

3.27 

3.18 

3.09 

4 

2.999 

2.91 

2.83 

2.75 

2.67 

2.59 

2.51 

2.43 

2.35 

2.27 

5 

2.200 

2.13 

2.06 

2.00 

1.94 

1.88 

1.82 

1.76 

1.70 

1.64 

6 

1.583 

1.53 

1.48 

1.43 

1.38 

1.34 

1.30 

1.26 

1.22 

1.18 

7 

1.138 

1.103 

1.068 

1.034 

1.001 

0.969 

0.938 

0.908 

0.880 

0.854 

8 

0.831 

0.811 

0.791 

0.771 

0.751 

0.732 

0.713 

0.694 

0.675 

0.656 

9 

0.637 

0.618 

0.599 

0.580 

0.561 

0.542 

0.524 

0.506 

0 . 487 , 

0.469 

10 

0.451 

0.435 

0.421 

0.409 

0.398 

0.388 

0.378 

0.368 

0.359 

0.351 

11 

0.343 

0.335 

0.327 

0.319 

0.311 

0.303 

0.295 

0.287 

0.280 

0.273 

12 

0.267 

0.261 

0.255 

0.249 

0.243 

0.237 

0.231 

0.225 

0.220 

0.215 

13 ' 

0.210 

0.205 

0.200 

0.196 

0.192 

0.188 

0.184 

0.180 

0.176 

0.172 

14 

0-168 

0.164 

0.161 

1 

0.158 

0.155 

0.152 

0.149 

0.146 

0.143 

0.140 

15 1 

0.137 

0.134 

0.131 

0.128 

0.125 

0.123 

0.121 

0.119 

0.117 

0.115 


X 


X 


X 


16 

0.113 

21 

0.0499 

26 

0.0262 

17 

0.094 

22 

0.0433 

27 

0.0234 

18 

0.079 

23 

0.0380 

28 

0.0211 

' 19 

1 0.067 

24 

0.0335 

29 

0.0189 

20 

0.058 

25 

0.0296 

30 

0.0172 
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APPENDIX 4 

ACTIVITY COEFFICIENTS OF VARIOUS TYPES OF 
ELECTROLYTES AS A FUNCTION OF MOLALITY 



Square root of molality 


Fig. 19. — ^Activity coefficients of various types of electrolytes. 
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Table 1.* — Entropies oe Aqueotts Ions at 2984 °K. 


[Cal./<mole)(deg.)] 


Ion 

>S°298.1 

Ion 

>S'°298.1 

H+ 

0.00 


17.7 ± 3 

Li+ 

4.7 ± 1.0 

Sn++ 

— 4.9 ± 1.0 

Na+ 

14.0 ± 0.4 

Pb++ 

3.9 ± 0.9 

K+ 

24.2 ± 0.2 

A 1 +++ 

-76.0 ± 10 

Rb+ 

28.7 ± 0.7 


-61.0 ± 5 

Cs+ 

31.8 ± 0.6 

Gd+++ 

-32.5 ± 4t 

Ag+ 

17.54 ± 0.15 

OH- 

- 2.49 ± 0.06 

NH 4 -*' 

26.4 ± 0.5 

F- 

-2.3 ± 2 

. Cl- ■ 

13.5 ± 0.1 . 

IO 3 - 

28.0 ± 1 

Br- 

19.7 ± 0.2 

HS- 

14.9 ± 1 

I- 

25.3 ± 0.5 

HSO 3 - 

32.6 ± 1.5 

CIO- 

10.0 ± 2 

SO 3 — 

3.0 ± 3 

C102“ 

24.1 ± 0.5 

HSOr 

30.6 ± 2 

CIO 3 ” 

39.4 ± 0.5 

SO 4 — 

4.4 ± 1 

CIO 4 - 

43.6 ± 0.5 

NO 2 - 

29.9 ± 1 

BrOs- 

38.5 ± 1.0 

NO 3 - 

35.0 ± 0.2 

T1+ 

30.5 ± 0.4 

H 2 PO 4 - 

28.0 ± 1.5 

Ag(NH3)2+ 

57.8 ± 1.0 

HPO 4 — 

-2.3 ± 1.5 

Mg++ 

-31.6 ± 3 

PO 4 

-45.0 ± 2 

Ca++ 

-11.4 ± 0.3 

HCOs- 

22.2 ± 0.8 

Sr++ 

-7.3 ± 1.5 

CO 3 — 

-13.0 ± 1 

Ba++ 

2.3 ± 0.3 

C 2 O 4 

9.6 + 1 

Fe++ 

-25.9 ± 1.0 

CN- 

25 ± 5 

Cu++ 

-26.5 ± 1.0 

Mn04- 

46.7 ± 0.4 

Zn++ 

-25.7 ± 1.0 

Cr04'“ 

10.5 + 1.0 

Cd-<-+ 

-16.4 ± 1.5 




* Latimeb, Pitzeb, and Smith: J . Am . Chem . 3 oc ., 60 , 1829 (1938). 
t CouLTBE and Latimer: J . Am , Chem . Soc ., 62 , 2557 (1940). 
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APPENDIX 6 


Table 1.* — ^The Thermodynamic Constants for the Formation op Some 
Gaseous Hydrocarbons at 298.1°K., Referred to Graphitic 
Carbon and Hydrogen 


Substance 

AS, 

cal. /deg. 

AH, ! 

cal./mole 

cal./mole 

Methane 

-19.39 

-17,865 ^ 

-12,085 

Ethane 

-41.61 

-20,191 

-7,787 

Propane 

-64 4 

-24,750 j 

-5,550 

w-Butane 

-87 5 

-29,715 

-3,630 

Isobutane 

-91.2 

-31,350 

-4,160 

n-Pentane . 

-111 1 

-34,739 

-1,620 

2-Methylbutane 

-112 3 

-36,671 

-3,190 

Tetramethylmethane 

-121.1 

-39,410 

-3,310 

n-Hexane 

-134.5 

-40,010 

+80 

2-Methylpentane 

-136.8 

-41,800 

-1,000 

2,2-Dimethylbutane 

-141.2 

-44,400 

-2,300 

n-Heptane 

-158.0 

-45,350 

+ 1,750 

2-Methylhexane 

-160.1 

-47,100 

+600 

2,2-Dimethylpentane 

-166.2 

-49,800 

-300 

n- Octane 

-181.5 

-50,700 

+3,400 

2,2,4-Trimethylpentane 

-190.8 

-56,200 

+700 

Ethylene 

-12.49 

+12,556 

+16,279 

Propylene 

-32.8 

+4,956 

+14,730 

1-Butene 

-55.1 

+383 

+16,810 

cis-2-Butene : 

-56.9 

-1,388 

+15,570 

trans-2-Butene 

-57 5 

-2,338 

+14,800 

Isobutene 

-59.2 

-3,205 

+14,440 

Acetylene 

+14.07 

+54,228 

+50,034 


* Pitzee: Chem . Ret?., 27, 39 (19403. 
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APPENDIX 7 

PROBLEMS 


Problem 1. The Heat Capacity of Acetylene. — On the basis of the 
following assignment of fundamental vibration frequencies, compute the 
molar-heat capacity of C 2 H 2 (fl) at 300, 500, 700, 1000, 1300, and 1600°K.: 

Frequency, cm.'"^ Degeneracy 

612 * 2 
729 2 

1,973 1 

3,283 1 

3,372 1 

From the computed values for Cp, deduce values for the constants a, 5, 
and c in the equation 

Cp ^ a + bT - cT-K 

Note: Acetylene is a linear molecule. 

Problem 2. The Entropy of Gaseous Carbon Monoxide. — Electron 
diffraction and thermal data indicate that the actual structure of the carbon 
monoxide molecule is a combination of the two resonance states expressed 
by the formulas 

C = 0 and C' = 0'^. 

Assuming that the actual structure consists of 31 per cent double-bonded 
and 69 per cent triple-bonded states, compute the standard entropy of 
gaseous carbon monoxide at 25°C. and 1 atm. Values for covalent radii, 
given in Chap. IV, may be used. The fundamental vibration frequency 
of CO equals 2,167 cm."^ The computed value for ;S° 298 .i should be com- 
pared with the rigorously computed value recorded in Chap. VIII. 

Problem 3. The Entropy of Gaseous Acetylene. — On the basis of the 
frequency assignments given in Problem 1 and the covalent radii recorded 
in Chap. IV, compute the standard entropy of gaseous acetylene at 25°C. 
and 1 atm. pressure, and compare this value with the accepted value given 
in Chap. VIII. 

Problem 4. Cooling by Joule-Thomson Expansion. — Estimate the 
temperature change accompanying the free expansion of propylene from 
an initial pressure of 50 atm. down to 1 atm. when the initial temperature 
is 200®C. The critical temperature of propylene equals 364,5®K., and the 
critical pressure 45.4 atm. 

Problem 6. Theoretical Flame Temperature in the Combustion of 
Acetylene. — Assuming that acetylene is to be burned with the stoichiometric 
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amount of air, compute the maximum temperature that would be attained 
if the process were carried out adiabaticaliy and if the reactants were pre- 
heated to 200°G. 

Note: The heat capacity of has been computed in Problem 1. 

Problem 6. The Heat Evolution Accompanying the Synthesis of HNO* 
from Nitrogen Oxides and Water. — Derive the following equation for the 
heat generated across each plate of a bubble-cap tower in which nitrogen 
oxides are being absorbed in HNO 3: 

aH 

— - A(/)(Ai^HN03 4- 12,630) -h lZ,560lA(fx) - A(z)] 

Tlo 

4 6,850 lA(xfy) - A(xy)]. (13.62) 

See illustration 2, Chap. XIII, for the meaning of the various symbols. 

Problem 7. The Absorption of Nitrogen Oxides in a Bubble-cap Column 
imder 10 Atm. Pressure. — Using the data on gas compositions given in 
illustration 2, Chap. XIII, compute the number of perfect plates and the 
over-all height and diameter of a tower required to produce 10 tons of 
HNO 3 per day (as 60 weight per cent acid) at 10 atm. total pressure and 
45°C., with an absorption efficiency of 95 per cent. Compute the heat 
that must be removed from each plate per hour in order to maintain the 
temperature of each plate at 45°C. 

Assume a place spacing of 18 in. and the same gas mass velocity used in 
Chap. XIII. I 

Problem 8. The Formation of HCN from Nitrogen and Acetylene. — 
Investigate the possibility of synthesizing HCN in accordance with the 
reaction 

C 2 H 2 4 N 2 = 2HCN 

by computing the equilibrium conversions at 1 atm. and 200 atm. total 
pressure at 1000 and 1500®K. Assume an initially equimolar mixture of 
C2H2 and N2. 

Note: The heat capacity of C2H2(ff) has been computed in Problem 1, 
and the following critical constants are available: 



Tcy °K. 

Pcj atm. 

C2H2 

* 309 

62 

N2 

126.1 

33.5 

HCN 

456.7 

50 


Problem 9. Hydrogen Cyanide from Carbon Monoxide and Ammonia. — 

The reaction 

CO 4 NHa = H2O 4 HCN (1) 

has been suggested as a means for producing HCN. 

a. Using the necessary thermal data, compute the equilibrium fraction 
of NH3 converted to HCN at 600, 700, and 800°K., starting with an initially 
equimolar mixture of CO and NH3 at 1 atm. pressure. 
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h. Show that the reaction 


CO + II 2 O - CO 2 + Ho (2) 

is favorable at these teinperaturcs; that, substantially, all the H2O formed in 
(1) is removed by (2); and that the over-all reaction in this system will be 

2CO + NHa = HCN d- CO 2 + H 2 . (3) 


c. Compute the ammonia conversions at 600, 700, and 800°K. and 1 atm. 
pressure, starting with a mixture containing 2 moles of CO per mole of NH3. 

Problem 10. • Calculation of the Thermodynamic Constants of NH4HS 
from Observed Dissociation Pressures. — The following values for the total 
equilibrium pressure over solid NH4HS have been measured: 


Temperature, °K. 
280.8 

284 3 

285 3 
288 3 
290.7 
295.5 
297 8 
300 7 


Pressure, atm. 
0 200 
0 260 
0.285 
0 346 
0 410 
0.548 
0 631 
0.752 


Compute the standard heat and free energy of formation and the entropy 
of NH4 HS(c) at 298. HK. 

Problem 11. The Electromotive Force and Temperature Coefficient of 
Concentration Cells with Transference. — Compute the electromotive force 
of the cell 

Ag; AgCl, KCl(o 2m):KCl(o 02^), AgCl; Ag 


at 25 and 35°C. from the following data: 
a. Activity coefficient of 0.02m KCl at 25°C. — 0.869. 

Activity coefficient of 0.20m KCl at 25°C. ~ 0.719. 
fe. Transference number of chloride ion — 0.51 at 25°C. 
c. Bichowsky and Kossini give the following values for the --AH of 
formation of KCl in aqueous solutions at 18°C. (cal.) ; 


KCbcoHsO 

99,957 

KCb6400H2O 

99,924 

KC1-3200H20 

99,915 

KCM6OOH2O 

99,906 

KCl-SOOHaO 

99,899 

KCI4OOH2O 

99,899 

KCI-2OOH2O 

99,912 


Problem 12. The Synthesis of Ammonia from N2 and H2. — Compute 
the volume per cent ammonia in the equilibrium mixture containing initially 
3 moles of hydrogen per mole of nitrogen under the following conditions: 
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Temperature, °K. Total Pressure, atm. 
700 200 

800 200 

300 

1000 100 

500 

The critical constants of these gases are 



Tc, “K. 

1 , .. 

Pc, atm. 

No 

1 126.1 

33 5 

Ho , 

33.3 

! 12.8 

NH3 1 

! 

405.6 

i 111.5 

i 


Problem 13. Heat Evolution Accompanying Dilution of Sulphuric Acid, — 
Compute the heat evolved at 18°C. when 50 per cent (weight) sulphuric 
acid is diluted with the appropriate quantity of water to produce a 10 per 
cent solution. Estimate the final temperature of the 10 per cent solution, 
if the dilution process were carried out adiabatically, assuming the acid and 
water initially at 18°C. 

Problem 14. The Effect of Pressure on the Heat of Reaction. — Compute 
the heat of the reaction 

C 2 H 2 4* Ns « 2 HCN 

at 298 and 1000 ®K, and 1 atm. pressure. Using the Berthelot equation 
of state, compute the heat of the reaction at these two temperatures under 
200 atm. pressure. See Problems 1 and 8 for auxiliary data. 

Problem 15. The Mechanism of Reactions Interpreted with the Aid of 
Thermodynamics. — ^The oxidation of ammonia with air in the presence of 
a catalyst is an important industrial reaction. Show that the reaction 

NH 3 = NH + H 2 (1) 

constitutes a plausible primary step in the oxidation process by calculating 
the percentage dissociation of the NH 3 in accordance with this reaction 
at 1000 °K. and 1 atm. pressure in a mixture containing 10 per cent NHa 
and 90 per cent air. The following data permit the evaluation of the 
thermodynamic constants of the NH molecule: 

Standard AH of formation ~ 33,900 cal. 

Fundamental vibration frequency = 3,000 cm.“^ 

Moment of inertia = 1.694-10~^o g. cm.^ 

Weight of ground electronic level (® 2 ) — 3. 

Weight of upper electronic level (^A) = 2 . 

Energy of upper level above ground =* 8,790 cm.“i 

Estimate which of the following efficient and inefficient secondary reac- 
tions are thermodynamically possible at 1000 °K.: 
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NH -f O 2 

= NO + OH, 

(2) 

NH + OH 

= NO + H 2 , 

(3J 

NH + NO - OH + N 2 , 

(4j 

NH -h NH - N 2 + H 2 , 

(6) 

NO -f NO 

= N 2 4- O 2 , 

(6) 

NH 3 + NHa == N 2 + 3H.. 

(7) 


Discuss the effect of the usual kinetic factors on the permissible reactions. 
Problem 16. The Entropy of n-Heptane from Calorimetric Data. — 
On the basis of the following values for the molar-heat capacity compute 
the entropy of liquid n-heptane at 298. 1°K.: 


Temperature, °K. 

j 

Cpj cal. /deg. 

Temperature, ®K. 

Op, cal. /deg. 

1 

15.14 

1 500 

79 18 

18.53 

17.52 

2.110 

86.56 

19.83 

19.74 

2.730 

96.20 

21.58 

21.80 

3.403 

106.25 

23.22 

24.00 

4,122 

118.55 

25.09 

26.68 

4.935 

134.28 

27.15 

30.44 

6.078 

151.11 

29.54 

34.34 

7.370 

167.38 

31.96 

38.43 

8.731 

194.60 

48.07 

42.96 

10.02 

218.73 

48.49 

47.87 

11.36 

243.25 

49.77 

53.18 

12.80 

268.40 

51.71 

65.25 

15.69 

296.51 

53.68 

71.86 

17 04 




The molar heat of fusion equals 3,356 cal. at the melting point, 182.5°K* 
Problem 17. Cooling Accompanying Jonle-Thomson Expansion of 
Nitrogen. — Estimate the drop in temperature accompanying the free 
expansion of nitrogen from 100 atm. down to 1 atm. when the initial temper- 
ature equals 25°C. The temperature drop accompanying the performance 
of flow work only should be compared with the drop accompanying the 
adiabatic performance of work computed in illustration 3, Chap. XVI. 

Problem 18. The Temperature Rise Accompan 3 dng the Oxidation of 
Hydrocarbons. — A mixture of ethylene and air containing a mole fraction 
of ethylene equal to 0,029 is preheated to 300®C. before entering the reaction 
chamber. If the following reactions occur to the indicated extents, what 
would be the adiabatic temperature rise of the system? 


C2H4 + Go = 
C2H4 + V2O2 = 
C2H4 + 2O2 = 
C2II4 "f* 3O2 ~ 
C2H4 -f- 2O2 = 


2HCHO, 

C 2 H 4 O, 
2HCOOH, 
2 CO 2 + 2 H 2 O, 
2CO + 2 H 2 O. 


(27.0 per cent) 
(12.0 per cent) 
(4.0 per cent) 
(35 . 0 per cent) 
(22 . 0 per cent) 
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Note: The heats of formation of the eth^^lene oxide, etc. are given in 
Bichowsky and Rossini; the heat capacity of C 2 H 4 has been computed in 
Chap. VII; and the heat capacities of the other compounds may be esti- 
mated by the method of Bennewitz and Rossner, described in Chap. VIII. 

Problem 19. Diolefins from Acetylene. — In connection with the pro- 
duction of synthetic rubber from butadiene, investigate the possibility of 
obtaining this compound by means of the reaction 

2C2H2 d- H. = C4HC. 


Discuss the conditions of temperature, pressure, and concentrations likely 
to be favorable to the formation of this compound and the possible unfavor- 
able side reactions. 

Problem 20. The Heat Capacities of KCl and H 2 O in Aqueous Solutions. 
From the following observed specific heats at 25°C. and 35°C., compute 
the apparent molar-heat capacities of the KCl, the partial molar-heat 
capacities of the KCl, and the relative partial molar-heat capacities of the 
H 2 O at the indicated concentrations: 


Molality of KCl 

Specific Heat, cal./g. of solution 

25°C. 

35°C. 

0.010 

0.9968 

0.9964 

0.050 

0.9929 

0.9927 

0.070 

0.9908 

0.9906 

0.100 

0.9881 

0.9880 

0.300 

0.9695 

0.9699 

0.699 

0.9342 

0.9351 

1.027 

0.9090 

0.9105 


Compute average values for the temperature coefficients of the three 
heat capacities in this range of temperatures and concentrations. 

Problem 21. Single Electrode Potentials from Thermal Data. — Com- 
pute the standard potential of the half cell 

2 H 2 O + PbS 04 - PbOi 4- S 04 “- 4* 4H+ + 2e" 

at 25°C., from heats of formation given in Bichowsky and Rossini and 
entropy data included in the text. Use 16.75 units for the entropy of 
liquid water. Compare. this value with the value —1.685 volts given in 
Latimer's “Oxidation Potentials." 

Problem 22. The Effect of Temperature on Compressibility Factors. — 

Show that the change of compressibility factor with temperature at constant 
pressure is related to the Joule-Thomson coefficient and the heat capacity at 
constant pressure by means of the equation 

fdC\ ^PfACp 

\dT)p 
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A mixture of methane and butane containing a mole fraction of methane 
equal to 0.970 has a compressibility factor of 0.9673 at 51 atm. pressure and 
394. 1®K. Using the following values for the Joule-Thomson coefficients 
and molar-heat capacities of the mixture, compute the compressibility 
factor at 294.2°K. and 51 atm.: 


Temperature, °K. 

/i,-°K./atm. 

Cp, caL/^K. 

294 2 

0.436 

10.35 

327.5 

0.344 

10 30 

360 8 

0 274 

10 51 

394.1 

0.215 

10.80 


Problem 23. Hydrogenation of Hydrocarbons. — Isobutene may be 
polymerized to form diisobutene which in turn may be hydrogenated to 
produce i-octane. This compound is important in the manufacture of 
aviation gasoline. Assuming that t-octane, t-butene, and t-butane are 
the only compounds formed when gaseous diisobutene and hydrogen are 
passed over a nickel catalyst, compute the mole per cent diisobutene con- 
verted to each of these three products under the following operating condi- 
tions, when equilibrium is attained: 


Case 

A 

B 

C 

D 

Temperature, °K 



350 

350 

Total pressure, atm 

1 

1 

1 

1 

Tnitial mole mtio diisobiitene to Ho . . 

1 

1 

2 






The following thermal data, based on the older data for CO 2 , may be 
used (all compounds in gaseous state) : 



AjfiTags, cal. 

AE°298j cal. 

i— C 4 H 8 

-4,060 

14,240 

Z--.C4Hio 

-32,200 

-4,720 

CsHie 

-26,040 

23,150 

f— CsHis 

-54,610 

2,820 


Problem 24. Extrapolation of Heat-capacity Data to Low Temperatures. 

Using the following values for the molar-heat capacity of SnOa, derive an 
equation for the heat capacity in terms of one Debye function and two 
Einstein functions: 


Temperature, °K 100 150 200 298.1 

Cp, cal./mole 4.98 7.86 10.1 12.57 


Compute the heat capacity of SnOa at 10, 25, and 50°K. 
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Problem 26. Heats of Sublimation from Vapor-pressure Data. — Using 
tiie following vapor pressures for PbS^r;, compute the heat of sublimation 
of this compound at 900 and 1300°C.: 


Temperature, °C 850 910 940 980 995 

Pressure, mm. Hg 2 0 4.1 6.0 12.0 17.0 


The heat capacity of the solid is 

Cp = 10.63 + 4.01 • 10~^T 


and the fundamental vibration frequency of the gas equals 427 cm.~h 
Problem 26. The AE and of the Reaction, CaS -h ZCaS 04 = 4CaO + 
4S02 ‘ — Derive equations for the aH and aF° of this reaction from the 
following data on heat capacities and observed SO 2 pressures: 


SO2 

CaO 

CaS04 

CaS 


Cp = 11.40 + 1.414 • 10-3T - 2.045 • lO^T-^. 
Cp =- 10.00 + 4.84 • 10-3T - 1.080 • lO^T-^. 
Up = 18.52 4- 21.97 • lO-^T - 1.568 • 105^-2. 
Cp = 10.00 4- 4.84 • 10~3T - 1.08 • 


Temperature, °K. 
1173 
1233 
1273 
1313 
1353 
1393 


P 302 , atm. 
5.26 • 10-3 
2.50 • 10-2 
5.40* 10-2 
1.09* 10-^ 
2.03 • 10-1 
3.13* 10-1 


Compute aH and AF° at 298. 1°K. for this reaction. 

Problem 27. Derivation of Equation for Cp of AhOz , — Using 17.52 
cal./deg. for the molar-heat capacity of AI 2 O 3 at 0°C. and the following 
enthalpy data, compute the constants a, 5, and c in the equation 

Cp = a 4- &T - c!r-2: 


Temperature, 

Enthalpy 

273.1 

0 

373.1 

1,990 

573.1 

6,760 

973.1 

17,990 

1173.1 

24,220 


Problem 28. Dissociation Constants of Weak Acids from Thermal Data. 

Calculate the three dissociation constants of H3PO4 from entropy data given 
in Appendix 5 and heats of formation given, in Bichbwsky and Rossini. 
The entropy of H 3 P 04 (a( 7 ) equals 44 units. 

Problem 29. Heat Content of Gaseous Ammonia at 26°C. — Calculate 
the heat content in excess of the zero-point energy of 1 mole of gaseous 
ammonia at 298. 1°K. from the following data; 
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Vibration Frequency, Degeneracy 


964 1 

1,630 2 

3,336 1 

3,300 2 


Principal moments of inertia: 

Ji = 4.4 • g. cm.2 
/, =: jg == 2.79 • 10-40 g. cm.2 

Problem 30. The Free-energy Function for Gaseous Ammonia from 

Structural Data. — Compute the function for gaseous ammonia at 

300, 600, and 1000°K. from the data given in Problem 29. 

Problem 31. HCN from CO and Ammonia. — Discuss the feasibility of 
obtaining HCN via the following sequence of reactions: 

CO 4- NH 3 = HCONH 2 , (1) 

HCONH. = H 2 O + HCN. (2) 

Calculate a range of temperatures and pressures favorable to the forma- 
tion of formamide in accordance with Eq. (1) and a range of temperatures 
and pressures favorable to the formation of HCN from reaction (2). Dis- 
cuss possible complicating side reactions. 

Note: The entropy of gaseous HCONH 2 may be estimated from proce- 
dures discussed in Chap. VIII. 

Problem 32. The Temperature Coefficient of the Heat of Fusion of Ice. — 

The specific heat of ice is given by the equation 

Cp = 2.1153 + 0.00779i international joules /g.°C. 

The specific heat of liquid water equals 4.2177 absolute ioules/g.°C. 
at 0°C., and the heat of fusion of ice equals 333.5 international joules/g- 
at 0°C. 

Compute the temperature coefficient of the molar heat of fusion of ice 
at 0°C. using Eq. (2.33), and compare with the value obtained from the 
approximate Eq. (2.25). What is the entropy of fusion of ice? 

Problem 33, The Free Energy of Gaseous Formaldehyde. — Calculate 
the AF® of formation of HCHOco) from the following data : 

Heat of combustion = 134,100 cal. /mole. 

Fundamental vibration frequencies = 1,165, 1,278, 1,503, 1,750, 

2,780, 2,875 cm.~i 

Interatomic distances: C = 0 distance == 1.21 A. 

« C — ^H distance = l.OOA. 

H— C— H Z = 120^ 

Problem 34. Electrolytic Reduction of Nitrobenzene to Aniline. — Esti- 
mate the kilowatt-hours required to produce 1 ton of aniline by cathodic 
reduction of nitrobenzene dissolved in strong acid. Assume a current 
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efficiency of 80 per cent and make reasonable assumptions as to overvoltages 
and cell resistance. 

Problem 36. Electrolytic Production of Chloroform. — Estimate the 
kilowatt-hours required to produce 1 ton of chloroform by the anodic 
process in alkaline solution 

C2H5OH + HoO + lOCl- - lOe- = CHCI3 + CO2 + 7 HCL 

The literature should be consulted in attempting to estimate overvmltages. 

Problem 36. The Compressibility of a Mixture of Propane and n-Pentane. 
Using Kay's rule and Eig. 4, Chap. V, calculate the compressibility of a 
mixture of propane and n-pentane containing a mole fraction of pentane 
equal to 0.1468 at 121°C. and 27.2 atm. Calculate the volume occupied 
by 1 lb. of the mixture under these conditions. The following critical data 
are required: 



Tc, °K. 

Pc, atm. 

C3H8 

370 

42.01 

C5H12 

470.3 

33.04 

1 


Note: The measured compressibility factor for this mixture is 0.733. 

Problem 37. The Heat of Hydrogenation of Ethylene. — An equimolar 
mixture of ethylene and hydrogen at 1 atm. is passed at a sufficiently slow 
rate over a hydrogenation catalyst so that the gas leaving the catalyst 
chamber may be assumed to be the equilibrium mixture corresponding to 
the catalyst temperature. Samples of this gas are withdrawn, cooled, and 
100-cc. amounts introduced into an Orsat apparatus where the unsaturates 
are determined by absorption in fuming sulphuric acid. The following 
contractions in volumes were observed at the indicated hydrogenation 
temperatures: 

Temperature, ®K. — AF, cc. 

700 0.30 

800 1.48 

900 4.31 

Compute the heat of hydrogenation of ethylene. 

Problem 38. Single Electrode Potentials from Solubility Data. — ^The 
solubility of Ag 2 S 04 in water at 25°C. equals 0.0268 mole/liter, and the 
standard potential of the Ag; Ag’^ electrode equals —0.80 volt. Calculate 
the standard potential of the Ag; Ag 2 S 04 (c)i SO 4 electrode from these data. 
The Debye equation (Chap. V) may be employed for estimating the activity 
coefficient of the silver sulphate at these concentrations. 

Problem 39. The Heat of Fusion of Silver from Freezing-point Data. — 
The solid phase in equilibrium with silver rich solutions of Ag-Zn is known 
to be a solid solution of these two components. Using the following data 
on temperatures at which crystallization in the melt is first observed and 
temperatures at which solidification is complete, derive a value for the 
atomic heat of fusion of silver: 



362 


THERMOCHEMICAL CALCULATIONS 


Mole fraction 
Ag, initial 
solution 

Temperature of 
first crystal. ®K. 

Temperature of 
complete solid. 
°K. 

1.0000 

1235 

1235 

0.8451 

1145 

1073 

0.7744 

1105 

1015 

0.7080 

1039 

993 

0.6862 

1023 

983 


Problem 40 . The Fugacity of a van der Waals Gas. — The van der Waals 
constants for methane are 

a — 2.504 • 10® atm. cc.^ 5 = 56.1 cc. 

Calculate the activity coefficient of methane at 200 atm. and 200°C. 
from these data and compare with the value obtained from Fig. 3, Chap. V. 
The critical temperature and pressure of methane are 190.7°K. and 45.8 
atm., respectively. 

Problem 41 . Graphical Calculation of Fugacity from PVT Data. — The 
most accurate procedure for evaluating fugacities depends on the use of 
measured PVT data in the required range of conditions. Using the following 
data on the specific volumes of gaseous ammonia, compute the fugacity of 
ammonia at 150°C. and 22 atm.: 

Pressure, p 

atm 1.561 4.030 6.664 9.902 13.075 16 858 22.29 

cc. perg... 1,300 500 300 200 150 115 85,5 

Problem 42 . Synthesis of Acetic Acid. — Discuss the possibility of 
producing acetic acid in accordance with the reaction 

2 CO + 2H2 - CH3COOH 

by computing the equilibrium conversions at 400, 700, and 900°K. at 100 and 
300 atm. pressure for an equimolar mixture of CO and hydrogen. Possible 
side reactions resulting in the formation of methanol, methyl formate, 
methane, and formaldehyde should also be considered and the occurrence 
of the reaction 

2CO = C + CO 2 

cannot be overlooked. 

Problem 43 . Reduction of Zinc Oxide with Methane. — Roasted zinc 
ores are usually reduced to metallic zinc by treatment with carbon. Investi- 
gate the possibility of using methane for this purpose by considering the 
following set of possible reactions: 


ZnO + CH4 Znc,) + CO + 2H2. 
ZnO rh CO == Znc^,) -j- CO2. 

ZnO d" H2 = ZjX(,g) d" H2O. 


( 1 ) 

( 2 ) 

(3) 
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Calculate the partial pressures of CH 4 , CO, CO 2 , Ha, and HaO in 
the equilibrium system when 1 mole of methane is contacted with 1 mole 
of ZnO at 1100 and 1200°K. at a total pressure of 1 atm. Assume that the 
system reaches equilibrium before an appreciable fraction of the methane is 
cracked into carbon and hydrogen. 

Note: For the process to be operable it is necessary that the concentration 
of oxidizing agents (CO2, HaO), that effect formation of ^‘blue powder 
(ZnO) on cooling, be very low. 

Problem 44. Heat Required for the Reduction of Zinc Oxide with 
Methane. — Estimate the gross heat required for the production of 1 ton 
of zinc by the process discussed in the preceding problem. Making reason- 
able assumptions regarding temperature gradients, estimate the quantity 
of heat conveniently recoverable by interchange: hence estimate the net 
heat required per ton of zinc. Assume the efficiency of CH 4 utilization 
equal 50 per cent. 

Problem 46. Heat Required for Experimental Oil Cracker. — It is 
required to design a small, electrically heated laboratory unit for studying 
the thermal decomposition of hydrocarbons. If the oil stock to be used is 
essentially paraffinic and has a molecular weight of about 226 corresponding 
to hexadecane, estimate the kilowatt-hours required per pound of stock 
entering the unit at 25°C, As a first estimate assume that the maximum 
temperature for decomposition will be 900®C. and that the oil will decompose 
in about the following proportions: 

Weight Per Cent Stock 
Decomposed to 


Ha 0.2 

CH4 4.0 

C2H4 + C2H6 20.0 

C 3 H 6 + C 3 H 8 14.0 

C4H8 4 - C4H10 8.0 

CsHie + CsHis Balance 


The All of formation of liquid n-hexadecane equals —109,780 cal./g. mole. 

Problem 46. Aluminum Chloride from Aluminum Sulphate. — Investigate 
the possibility of converting aluminum sulphate to aluminum chloride in 
accordance with the equations 

Al2(S04)3 + 6NaCl = AlaClec^) + 3 Na 2 S 04 (1) 

Al 2 (S 04)3 + 3CaCl2 = AlaCk^) + 3CaS04 (2) 

by calculating the equilibrium partial pressures of AlaCls for both these 
systems at 400, 600, and 800°K. The AH and AF° of Al2(S04)3 at 25°C. are 
—700,000 and —653,500 cal., respectively. The entropy of CaCU and 
AlaCle may be estimated from the charts given in Chap. VIII. 

Problem 47. Ethanol by Direct Hydration of Ethylene. — Deduce con- 
ditions of temperature and pressure likely to be favorable to the formation 
of ethanol from ethylene and water in accordance with the reaction 

C2H4 + H2O = C2HBOH. 
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Both the gas-phase and liquid-phase hydration process should be considered 
and the effects of possible side reactions on the yields of alcohol considered. 
Discuss the merits of this process as compared to the indirect hydration 
process involving the absorption of C2H4 in concentrated H2SO4 followed 
by the hydrolysis of the ethyl sulphuric acid so formed. 

Problem 48. Dehydration of Dibasic Acids. — The heats of combustion 
(—AH) of crystalline succinic acid and succinic anhydride are 356,240 and 
369,400 cal. /mole, respectively, and the entropy of the acid equals 42.0 units 
at 25°C. Calculate the partial pressure of H 2 O in the equilibrium system 

C4H6O4 == C4H4O3 4 - H2O 

at 500, 600, and 700°K. On the basis of these calculations, does the straight 
thermal dehydration of the acid to the anhydride appear to be commercially 
feasible or would it be necessary to use powerful desiccating agents? 

Note: See Sec. 3, Chap. VIII, for a discussion of a possible method for 
estimating the entropy of the anhydride. 

Problem 49. Leaching Manganese Ores with Calcium Chloride Solu- 
tions. — In connection with the recovery of manganese from Chamberlain 
ores discussed in illustration 2, Chap. XV, consider the following possible 
process: (1) The ore is treated with a 40 weight per cent solution of CaClg 
in order to dissolve the manganese. (2) The clear solution from (1) is 
treated with slaked lime and air in order to precipitate the manganese and 
regenerate the calcium chloride solution. (3) The mixture obtained in (2) 
is filtered in order to separate the hydrated, precipitated oxides from the 
regenerated leaching agent. 

Calculate 

a. The gram moles of CaCU plus kilograms of H 2 O required to dissolve 
the MnCOs contained in 1 kg. of ore. 

b. The moles of FeCOs and MgCOs dissolved along with the manganese. 

c. The extent of completion of the regeneration reaction 

2Mn+- + 2 Ca(OH )2 + HO 2 = Mn^Os + 2 H 2 O + 2Ca++ 

Note: The entropy of unhydrated Mn 203 may be estimated in accordance 
with the methods discussed in Chap. VIII. 

Problem 60. Design of Tower for Absorbing Ammonia under Isothermal 
or Adiabatic Conditions. — A mixture of air and ammonia, containing 7 per 
cent NHs (vol.) and about 2 per cent H 2 O, is to be scrubbed countercurrently 
with water in a tower packed with 5^-in. crushed stone, in order to recover 
the ammonia at 1 atm. pressure. The gas flow equals 650 lb./ (hr.) (sq. ft, 
ground area) and the water flow equals 140 gaL/(hr.) (sq. ft. ground area). 
If the water and air enter the tower at 20® C., calculate the height of the 
tower required in order to absorb 95 per cent of the ammonia, assuming 
isothermal operation. Calculate the height of the tower required to per- 
form the same absorption under adiabatic conditions. 

The absorption of ammonia in water at these concentrations liberates 
about 8,350 C.h.u. /pound mole of NHg absorbed. Assume Kga for NHs 
equals 13 lb. moles/(hr.) (cu. ft.) (atm.) at these temperatures with absorp- 
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tion drives expressed as partial pressures of XH 3 in atmospheres. The 
over-all coefficient of heat transfer from the liquid to the gas phase may be 
taken equal to 100 C.h.u./(hr,) (cu. ft.) (deg. C.), and the transfer of water 
vapor may be neglected. 

Problem 51. Design of Converter for Oxidizing Nitrosyl Chloride with 
Enriched Air. — Estimate the size of converter required to oxidize XOCl 
to within 80 per cent of the equilibrium value with a gas containing 40 per 
cent Os, plus 60 per cent N 2 , at 300°C. and 5 atm. pressure. The nitrosyl 
chloride is to be fed to the converter at the rate of 1 pound mole/ (hr.) (sq. ft.) 
of converter cross section. Compare this result with the result obtained 
in illustration 1, Chap. XII. 

Problem 62. The Formation of Sodium Cyanide from Soda Ash — — 
The two reactions 

NaaCOsCz) + X 2 + 4C - 2XaCX,/j -h SCO (1) 

NasCOsCi) + 2 XH 3 + 4C = 2XaCXa) -h SHo + 3CO (2) 

have been investigated as possible methods for the production of cyanides. 
Assuming that ACp for reaction (1) is given by the approximate relation 

ACp(i) = Cp(3CO) - CprXs) - Cp(4C), 

and that ACp for reaction ( 2 ) is given by the equation 

ACp(2) = CpiZHD + Cp(3CO) - Cp(2XH3) - Cp(4C), 

derive equations for the AH’s of these two reactions as functions of tem- 
perature. 

Estimating the entropy of NaCX(c) as 18 ± 3 \mits at 25°C., derive 
equations for the standard free-energy changes of these two reactions as 
functions of temperature. Note the chosen standard states. 

Problem 63 . The Formation of Sodium Cyanide from Soda Ash — ^11. — 
Using the free-energy data derived in Problem 52, calculate the equilibrium 
constants for reactions ( 1 ) and ( 2 ) at 1100, 1200, and 1300°K. 

Assuming that the reactants are contacted in stoichiometric proportions 
in static systems at a constant pressure of 1 atm., calculate the mole per 
cent soda ash converted to cyanide at equilibrium for both reactions at 
these three temperatures. 

Assuming that the reactants could be contacted in stoichiometric propor- 
tions in countercurrent flow systems under 1 atm. pressure, what mole 
per cent conversions of the soda ash would be obtained at these tempera- 
tures? What would be the effect of using excess X 2 or NH 3 on the maxi- 
mum yields obtainable in the flow system? What possible side reactions 
may occur in both cases? 

Problem 64 . The Formation of Sodium Cyanide from Soda Ash — ^ni. — 

As a result of the calculations performed in Problems 52 and 53, estimate 
the optimum conditions xmder which to carry out reactions ( 1 ) and ( 2 ). 
Calculate the gross heat required to produce 1 ton of NaCN by both proc- 
esses. Estimate the quantity of heat recoverable by interchange; hence 
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calculate the net heat required per ton of sodium cyanide. Which process 
do you favor? Why? 

It should be noted that kinetic factors will be at least as important in 
this case as thermal and equilibrium considerations. Without actual rate 
data it is impossible to say whether reaction (1) or (2) will be the faster 
and which one will go at the lower temperature. Neither reaction will 
probably go rapidly or very far unless the reaction medium is a liquid in 
which the soda ash, carbon, and gas can be brought into intimate contact. 
This suggests that the lowest possible operating temperature will be the 
Na 2 C 03 — NaCN eutectic temperature. 

Problem 66. Flow of Dissociating Gases Accompanied by Large Tem- 
perature Drop. — Phosgene leaving a converter at 1.05 atm. pressure and 
700°K.,, enters a 20-ft. length of horizontal heat interchanger tubing where 
it is cooled to 450°K. If the internal diameter of the tubing equals 1.05 in., 
and the mass velocity equals 20,000 lb./(hr.)(sq. ft.), estimate the pressure 
drop in the tube. 

Owing to the fact that phosgene is appreciably dissociated at these tem- 
peratures into CO and CI 2 , an added variable is introduced into the Bernoulli 
equation normally employed for solving such problems. The problem 
may, howmver, be handled by graphical integration when the degree of 
dissociation is known in the range of temperatures involved. Phosgene 
possesses the following fundamental vibration frequencies: 300, 302, 442, 
573, 832, and 1,807 cm.-^ 

Problem 66. Heat Loss Accompanying Flow of Dissociating Gas. — 
Calculate the total heat that must be withdrawn per pound of phosgene 
under the conditions of temperatures, pressures, and flows specified in the 
previous problem. Calculate the total heat interchange per hour through 
the entire tube wall. 

Problem 57. The Reduction of Sulphur Dioxide. /. BeaU of Reaction , — 
The reduction of sulphur dioxide contained in smelter smoke by means of 
coke is an industrially important process. The main reactions involved are 


SO 2 -f C - CO 2 + MS2, 

( 1 ) 

CO2 + C = 2 CO, 

( 2 ) 

and the secondary reactions are 

S2 - 2 S, 

( 3 ) 

SO2 + 2 CO - 2CO2 4 * KS2, 

( 4 ) 

CO -h MS2 - COS, 

( 5 ) 

3S2 - Se, 

( 6 ) 

485 = 383, 

( 7 ) 

Ss = 88 (z). 

(8) 


Reaction (1) takes place rapidly at the surface of coke heated to 1400 to 
i500®K., and reaction (2) also takes place at these temperatures but at a 
slower rate. Reactions (3) and (4) also occur to a minor extent at these 
temperatures, although reaction (4) is used to “clean up^’ the unoxidized 
CO in the converter gases by passage over a catalyst (activated alumina) 
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at temperatures around 800®K. Reaction (5) occurs on cooling the gases 
from the hot zone to “clean-up” temperatures, and reactions (6) to (8) 
take place during the condensation of liquid sulphur from the converted 
gases. 

Derive equations expressing the AH’s of reactions (1) to (7) as functions 
of temperature. 

Problem 68. The Reduction of Sulphur Dioxide. II. Equilibrium 
Relations . — Derive equations for the standard free-energy changes of 
reactions (1) to (5) as functions of temperature and compute the equilibrium 
constants for these reactions at 800, 1100, and 1500“K. 

Calculate the compositions of the gas mixtures obtained by passing 
gases of the following initial compositions through beds of coke at infinitely 
slow rates at these three temperatures and 1 atm. pressure: 



Volume, per cent 

S 02 

89 

49.0 

8 

02 

11 

10.7 

9 

N 2 


40.3 

83 


Calculate the conversion of SO 2 [reaction (4)] at equilibrium when the 
three equilibrium mixtures corresponding to a reaction temperature of 
1100°K. are permitted to reach equilibrium at 800°K. and 1 atm. pressure, 
after first adding unconverted gases to give a mole ratio of CO/SO 2 equal 
to 2. 

Problem 69. The Reduction of Sulphur Dioxide. III. Thermal 
Requirements . — In order that reactions (1) and (2) of Problem 57 may be 
made to take place as rapidly as possible, it is necessary that the temperature 
of the reaction system reach 1400 to 1500°K. Assuming adiabatic operation 
and that the coke enters at 298®K., calculate the temperatures to which 
the three gas mixtures given in Problem 58 should be preheated in order to 
reach 1500°K. Coke may be assumed to contain 85 per cent carbon, plus 
15 per cent ash, by weight. 

On the basis of the following conditions and assumptions, estimate the 
tons of coke required per ton of sulphur produced by the reduction of each 
of the three gas mbgfcures given above: 

1. Continuous, countercurrent contacting of coke with gas. 

2. Coke enters converter at 298°K., and gas at temperatures 100® greater 
than preheat temperatures computed for adiabatic operation. 

3. Assume gases leave converter at 1100®K- and the SO 2 conversion corre- 
sponds to 95 per cent of the equilibrium value for this temperature. 

4. Assume gases leaving the catalytic “clean-up” step [reaction (4)] are 
converted to 95 per cent of the equihbnum value for 800®K. 

5. Assume heat leakage through walls of converter and unbumed carbon 
in coke ash represents 10 per cent of the total enthalpy change of the system 
referred to 25°C. 
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6. Assume that the enthalpy of the gases leaving converter at 1100®K. 
is recoverable by heat interchange down to 450®K. The vapor pressure of 
sulphur at 450° equals atm. 

Calculate the additional heat per ton of sulphur that must be removed 
in order to condense completely the sulphur from the converted gases. 

Problem 60. The Reduction of Sulphur Dioxide. IV. Converter Design. 
In order to obtain a preliminary picture of the gas flows, temperature 
gradients, and concentration gradients existing in the reduction converter, 
as well as the size of converter required for a given rate of sulphur produc- 
tion, it will be informative to, set up differential equations expressing the 
partial pressures of SO 2 and CO 2 and the temperatures of the gas and coke 
as functions of the converter height (distance in coke bed above grate) 
when steady-state conditions prevail. 

It will be necessary to assume that coke of a definite mesh size is being 
fed into the top of the converter at a definite rate, say 40 to 50 lb./(sq. ft. 
of grate area) (hr.), and that a definite number of pounds of sulphur dioxide 
bearing gas enter the base of the converter per square foot of grate area 
per hour. In conformity with the known characteristics of the reaction 
of oxygen with coke it may be assumed that all of the O 2 is consumed within 
the first 4 in. of coke bed with the production of CO 2 and the evolution of a 
large amoimt of heat. From this point on, it will be necessary to assume 
that the primary reactions 

SO 2 + C - CO 2 + KSo (1) 

CO 2 + C = 2CO (2) 

are the only reactions occurring in the system. Furthermore, it may be 
assumed that the rate of disappearance of SO 2 is equal to fciPso,,, whereas 
the net rate of CO 2 production equals hiPso^ — kzPco^. The temperature 
dependence of ki and ^2 may be expressed in the usual manner by the 
equations 

dlnJci _ El , d In ^2 _ E 2 

~ dT “ RT^' 

where the E’s represent energies of activation. 

On the basis of the above assumptions, set up two differential equations 
for computing the coefficients dx/dh and dyldh^ where x represents the 
fraction of the inlet moles of SO 2 reduced, y represents the fraction of the 
inlet moles of oxygen (free plus combined) converted to CO 2 , and h is the 
distance above the grate in the converter. 

In order to derive equations for calculating the gas and coke temperatures 
at any height h in the converter, it is necessary to set up an enthalpy balance 
that expresses the fact that the increase in sensible heat of the reactants 
over their inlet values, plus thermal leakage, must be equal to the net 
enthalpy increment produced by the chemical changes 

C 4- O 2 - CO 2 , 

SO 2 + C - CO 2 + HBi, 

CO 2 + C = 2CO. 
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Furthermore, the rate of heat transfer between the coke granules and 
the gas may be expressed in terms of the difference between the surface 
temperature of the coke and the temperature of the gas at the height h 
(assuming only vertical temperature gradients in the coke) and the over-all 
coefficient of heat transfer. The over-aU solid-gas coefficient is compounded 
of a convection coefficient Qic) and a radiation coefficient {hr). Derive 
equations for computing the coefficients dtgjdh and dte/dh, where tg and tc 
represent the temperatures of the gas and coke, respectively, at the height 
h. It will be noticed that stepwise, numerical integration of this set of four 
differential equations, based on the chosen rates of feed and preheat temper- 
atures, permits the evaluation of all the necessary data on the performance 
of the converter within the accuracy of the stated assumptions. 

In the event that you are unable to obtain approximate values for the 
various rate and heat-transfer coefficients required to solve these equations 
from the literature, devise small-scale laboratory experiments by means of 
which such values could be obtained, in order that a preliminary analysis of 
the performance of a reduction converter could be derived. 
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Absolute temperature of ice point, 10 
Absorption of gases, 4, 263-290 
in bubble cap columns, 266 
coefficients for, gas-film, 264 
liquor-film, 264 
in regard to diffusivity, 273 
driving force for, 263 
effect of liquor velocity on, 265 
effect of mass velocity on, 265 
effect of temperature on, 265, 266 
estimation of gas-film coefficients 
in the, 272-274 
fi l m theory, 4, 263-265 
gas film controlled, 264 
heat effects on, 266, 276, 283, 284 
Henryks law, 264 
liquor film controlled, 264 
of nitrogen oxides in caustic solu- 
tion, 267—277 

analysis of rates of processes 
occurring in tower, 267-270 
calculation of thermal and 
chemical results, 269, 274-276 
derivation of differential equa- 
tions, 270-272 

of nitrogen oxides in nitric acid, 
277-290 

basic thermodynamic data, 215- 
218, 280 

derivation of rate and equilib- 
rium equations, 278-282 
derivation of thermochemical 
equation, 283, 284 
estimation of plate and cooling 
requirements, 284r-289 
Activity, 71-78 
coefficient, 73-76 
in solutions, 75, 76 
values for, 349 


Activity, coefficient of gases, 62 
chart of, 64 
definition of, 72, 73 
dependence on composition, 77, 78 
determination of, 75 
of electrolytes, 74, 75 • 
free energy, 73 

Adiabatic temperature rise, 28 
in absorption, 276 
in combustion of propane, 236-242 
Adiabatic work, 317 
cooling by, 317, 318 
Air conditioning, 291 

design of tower for, 291-297 
analysis of rates involved, 291, 
292 

heat transfer, 292, 294 
mass transfer, 292, 294 
differential equations of, 294, 
295 

Alcohol, ethyl, 46 
heat capacity of, 191, 192 
heat of combustion of, 46-48 
heat of formation of, 47, 48 
Anharmonicity coefl&cient, 152 
of chlorine, 155 

Apparent molar-heat capacities, 28, 
29 

Apparent molar-heat contents, 34 
Arrangement of book, 4, 5 
Atomic entropies, 179 
Atomic heat capacities, 13 
of gases, 13 
of solids, 14, 15 

Atomic thermodynamic fimctions, 
121-124 
entropy, 123 
free energy, 123 
heat capacity, 124 
partition functions, 122, 123 
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Available energy balance, flow proc- 
esses, 331 

B 

Barite {see Barium sulfate) 

Barium chloride, from barium sul- 
fate, 211-215 

Barium sulfate, reaction with cal- 
cium chloride, 211-215 
solubility in water, 78, 79 
Beattie-Bridgman equation of state, 
324 

Benzaldehyde from benzene and car- 
bon monoxide, 227-230 
thermodynamic data, 227, 228 
Benzene, heat capacity of, 150-152 
reaction with carbon monoxide, 
227-230 

Benzoic acid, electrolytic reduction 
of, 231-234 

Benzyl alcohol by reduction of 
benzoic acid, 231-234 
energy requirements for, 231, 234 
Bernoulli's theorem, 331, 332 
Berthelot equation of state, 18 
in computing the effect of pressure 
on enthalpy, 18, 335 
in computing the effect of tem- 
perature on fugacity, 70, 71 
in computing the fugacity of a 
Berthelot gas, 62 
Boltzmann constant, 116 
Bond, chemical, 51 
energy of, 51 

estimation of heats of formation 
from, 52-55 
British thermal unit, 9 
Bubble plate column, absorption of 
nitrogen oxides in, 277-290 
estimation of plate and cooling 
requirements, 284-289 
Butadiene, from butene, 223-227 
resonance in, 53 

Butane, deconaposition of, 253-261 
kinetics of, 253, 254 
design of converter for, 253-261 
equilibrium with. 224, 225 


C 

Cadmium sulfide, thermodynamic 
constants, 307 

Calcium carbide, thermodynamic 
constants, 311 
Calcium carbonate, 303 
Calcium chloride, reaction with 
barium sulfate, 211-215 
Calcium hydroxide, heat of forma- 
tion, 44 

Calomel electrode, decinormal, 204- 
207 

standard, 108 
Calorie, 9 
Calorimetry, 42 
bomb, 42 
flow, 43 

Carbon dioxide, fugacity of, 62, 70 
heat capacity of, 19 
heat of formation of, 45, 46 
solubility of, 303 
Carbon monoxide, 227, 239 
Carbonic acid, ionization constants, 
303 

Cell, galvanic, 100 
activities and electromotive force 
of the, 104 

chemical, 108, 208-210 
concentration, 208-210 
conventions regarding the, 101- 
105 

electrical work and free energy of, 
100 

electrodes composing, 100 
electromotive force of, 100, 101, 
104 

hydrogen electrode of, 102 
liquiddiquid potentials of, 103 
representations of, 102, 103 
reversible process, 101 
standard electrode potentials of, 
102, 104 

temperature coefficient of, 107, 
108, 209, 210 
Centigrade heat unit, 9 
Chamberlain ore, 302 
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Charts, of compressibility factors, 
65, 66 

of fugacities, 64 
Chloride ion, entropy, 107 
free energy of, 106 
Chlorine, electrode, 102 
energy levels, 154 
atoms, 154 
molecules, 154 
heat of dissociation, 154r-157 
Chromium, chloride, 17, 110 
from chromite ore, 17 

thermal requirements for pre- 
heating, 17, 18 
Clapeyron equation, 67, 294 
Coefficient of absorption, 264 
Coefficient, activity, 74r-76 
of gases and vapors, 62, 64 
Coefficient of compressibility, 69 
Coefficient of heat transfer, 256, 294 
Coefficient of mass transfer, 273, 
274, 294 

Coefficient of reaction rate, 246, 254, 
272, 287 

Coefficient of thermal expansion, 18 
Combustion, heat of, 42, 43, 46^50 
heats of formation from, 46 
Compressibility factor, 63 
charts of, 65, 66 
equation of state for, 61 
of mixtures of gases, 66 
Compressible fluids, flow of, 334, 339 
Concepts, 5 
energy, 6 
enthalpy, 6 
entropy, 6, 7, 87 
free energy, 7, 58-60 
Conditioning of air {see Air condi- 
tioning) 

Conservation of energy, flow sys- 
tems, 330 

non-flow systems, 6 
Constants, Boltzmann, 116 
faraday, 10 
gas, 10 
Planck, 122 

Conventions, for activities, 74, 75 
for cells, 102-104 


Conventions, for standard states, 41, 
42, 74 

Conversions, at equilibrium, 90 
and reaction type, 90, 91 
Correcting heats of formation from 
diamond to graphite, 48, 49 
formic acid, 49 
methyl formate, 49 
Covalent radii of elements, 54 
Critical constants of gaseous mix- 
tures, 66 

D 

Debye, equations for activity coeffi- 
cients, 76 

theory of specific heats, 15 
Debye heat capacity function, nu- 
merical values for, 348 
Definitions, 9, 10 

Degeneracy, of energy levels, 116 
Degrees of freedom, 12-14 
Dehumidification of air, 291 
Design of absorption equipment, 4, 
263-290 

Design of air-conditioning tower, 
291-297 

Design of bubble plate tower for 
nitric acid production, 277-290 
Design of continuous acid recorder, 
208-210 

Design of packed tower for nitrogen 
oxides absorption, 269-276 
Design of reaction converters, 243— 
262 

Diamond as standard state for car- 
bon, 48 

{See also Graphite) 
Dibrombenzene, solubility in carbon 
bisulfide, 199, 200 

Diffusion, in absorption processes, 4, 
263, 264 

Diolefins, 223-227 
Dissociation, of carbon dioxide, 236, 
242 

of chlorine^ 153 

spectroscopic determination of 
heat of, 154-157 
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Dissociation, of water, 236, 242 
Dyne, 9 

E 

Einstein functions, tables of numer- 
ical values, 345-347 
Electrical energy, 100 
free energy, 100 

oxidation-reduction process, 100 
requirement for reduction of ben- 
zoic acid, 234 
Electrode, calomel, 108 

decinormal, 204, 205, 207 
chlorine, 102 
hydrogen, 102 
quinhydrone, 207, 208 
silver, silver chloride, 105, 204 
Electrolytes, activity of, 74, 75 
heat capacity of, 17, 28-32 
heat content of, 33-40 
solubility in water, 201-203 
Electrolytic reduction, of benzoic 
acid, 231-234 

energy requirements for, 234 
Electromotive force, 100 
activity, 104 
cells (galvanic), 100 
concentration cell, 208-210 
free energy, 100, 104, 105 
reference electrode, 102 
reversible process, 101 
sign conventions, 102 
single electrode, 102 
standard electrode potentials, 102 
temperature coefficient, 107, 108 
Electron diffraction, pattern of sul- 
phur dichloride, 55 
covalent radii, table of, 54 
Elements, heat capacities of, 14, 15 
table of entropies of, 179 
Energy, 6 

change in process, 6 
concept of, 6 

content of gases (table), 239 
equipartition of, 12-14 
first law, 6 
free, 7, 58-60 


Energy, internal, 116, 117 
levels, 115 

partition functions, 116 
Energy levels, 115, 116, 125 
of anharmonic oscillators, 152 
of chlorine atoms and molecules, 
154 

of harmonic oscillators, 133 
of oxygen atoms, 121 
of rigid rotators, 126, 128 
Enthalpy, 6 

effect of pressure on, 18, 321, 334 
effect of temperature on, 12, 13 
in flow of fluids, 330, 334 
reference level, 26 
for water, 26 - 

(See also Heat content; Heat of 
reaction) 

Enthalpy change, in fusion, 23, 82, 
83 

transition, 25 
vaporization, 20, 80, 81 
in reaction, 41-56 
in solution processes, 27-40 
Entropy, 6, 7, 86, 87 
absolute value of, 87 
calculation of, for nickel oxide, 
144-147 
definition, 6, 7 
second law, 7 
third law, 87, 157-159 
Entropy of gases, 185-190 

estimation from molecular weight, 
185-187 

tables of, 187-189 
Entropy of ideal gases, 117 
correcting to actual gas state, 138, 
139 

internal, from energy levels, 117 
Entropy from molecular constant 
data, 125-142 

rotational entropy, 132, 133 
vibrational entropy, 134 
of oxygen atoms, 123 
translational, 118 
Entropy of ions (table), 350 
Entropy of organic compounds, 161— 
175 
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Entropy of organic compounds, esti- 
mation of, 162-175 
and structural similarity, 161-163 
tables of, 164-175 

liquid aliphatic and alicyelic 
compounds, 173-175 
liquid aromatic compounds, 
168-170 

solid aliphatic compounds, 171- 
173 

solid aromatic compounds, 164- 
168 

Entropy of solid elements (table), 
179 

Entropy of solid inorganic com- 
pounds, 175-185 

estimation from molecular weight, 
176, 177 

of hydrates, 177, 178 
Latimer's rule, 176 
residual ray method, 147, 148 
tables of, 179-185 • 
carbonates, 182, 183 
halogen salts, 181, 182 
hydroxides, 184 
miscellaneous compounds, 185 
nitrates, 184 
oxides, 179-181 
phosphates, 184 
silicates, 184 
sulphates, 183 
sulphides, 183, 184 

Entropy change, in fusion, 24, 85 
heating, 86 
mixing, 159 
transition, 25 
vaporization, 23 
in reaction, 97, 98 

from electromotive force data, 
105, 106, 108 

Equation of state, Beattie-Bridg- 
man, 66, 324 
Berthelot, 18 

for compressibility factors, 61 

of ideal gases, 12 

Van der Waals, 315, 317 

Equilibrium, 58, 59 
and activity, 71-75, 88 


Equilibrium, in chemical change, 88, 
89 

conditions for, 58 
conversion, 90 
and free energy, 58 
and fugacity, 60, 61 
involving solutions, 71-78 
localized, 4 

between phases of pure substance, 
67-70 

Equilibrium constant, 8, 89 
activities of, 89, 112 
determination of standard free- 
energy change, 93-97 
direct measurements of, 93 
effect of pressure on, 112, 113 
effect of temperature on, 91, 92 
enthalpy change, 93 
entropy change, 93 
and free-energy change, 89 
used in flame temperature calcula- 
tions, 242 

Equipartition of energy, 12-14 
Erg, 9 

Escaping tendency, 60 
activity, 71 

and enthalpy changes, 80-85 
and free energy, 60 
and fugacity, 60-62 
Ethanol (see Ethyl alcohol) 
Ethylene, 137 

entropy from molecular constants, 
137, 138 

heat capacity from vibration fre- 
quencies, 139, 140 
hydration of, *130 

F 

Faraday constant, 10, 100 
Ferrochrome, decarburization of, 
310-312 

Ferrous carbonate, 303 
Film concept, 4, 263, 264 
in gas absorption, 263, 264 
in heat transfer, 256, 257, 292 
First law of thermodynamics, 6, 329, 
330 
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name temperatures, 23^242 

in combustion of propane, 236-242 
Plow of fluids (see Fluid flow) 

Flow of heat, 256 

j&lm coefficient, 256, 292 
overall coefficient, 292, 294 
in packed towers, 294 
Fluid flow, 329-341 
available energy balance, 331 
first law for flow processes, 329 
flow of gases in heat interchanger, 
339 

calculation of pressure drop, 
339-341 

friction equation, 333 
material balance, 332 
nonadiabatic flow of compressible 
fluids, 334-336 

recovery' of work from compressed 
gases, 336-339 
Formic acid, 49 
Free energy, 7, 58, 59 
calculations of, 93 
from electromotive force data, 
100-106 

from equilibrium data, 93-97 
from tMrd law, 97 
definition, 7 
effect of pressure on, 59 
effect of temperature on, 59 
electrical energy, 100 
electrode process, 101, 104 
equilibrium constant, 8, 89, 92 
estimation from molecular con- 
stants, 140-142 
partial molar, 72 

from partition functions and 
energy levels, 117-121 
of reaction, 88-90 
significance of, 7, 89 
Freezing point of water, on absolute 
scale, 10 

Friction equation, 333 
Fugacity, 60 

activity coefficient of gases, 62 
chart of, 64 
calculation of, 61-63 
of Berthelot gas, 62 


Fugacity, dependence on composi- 
tion, 77 

effect of pressure, 61, 72 
effect of temperature, 70-72 
free energy, 60 
of ideal gas, 61 
{See also Activity) 

Fundamental vibration frequencies, 
135 

assignment of, 135 
degenerate frequencies, 136 
from infrared and Raman spectra, 
135 

Fusion, 23 

entropy change of, 24 
heat of, 23 

and rotation in solid, 24 
temperature coefficient of, 25 

G 

Galena (see Lead sulphide) 

Galvanic cell (see Cell, electromo- 
tive force) 

Gas, activity coefficients of, 64 
constant, 9, 10 

entropy, 117, 118, 125-142, 185- 
190 

fugacity, 61-64, 70 
heat capacity, 12-14, 117, 190- 
193, 343 

standard state of, 41 
Glass, entropy of, and third law, 159 
Graphite, heat capacity of, 45 
heat of formation of carbon 
dioxide from, 45, 46 

H 

Half-cell reaction, 101-103 
Heat of combustion, 46 
by bomb calorimeter, 42 
of ethyl alcohol, 46-48 
of formic ajcid, 49 
method of determining, 42, 43 
of methyl formate, 49 
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Heat of dissociation, from spectro- 
scopic data, 152-157 
of chlorine, 154-157 
from convergence limit, 153 
method of Birge and Sponer, 
153, 154 

Heat of formation, 41 
of carbon dioxide, 45, 46 
correcting from diamond to graph- 
ite, 48, 49 

from equilibrium constants, 109- 
111 

estimation from bond energies, 51- 
56 

from heats of combustion, 46-50 
methods for determining, 42-44 
bomb calorimeter, 42 
flow calorimeter, 43 
significance of, 41 
standard states, 41, 42, 74 
Heat of fusion, 23-25 
from equilibriums involving solu- 
tions, 82-85 
of sodium silicate, 84 
temperature coefficient of, 25 
Heat of reaction, 41 
direct measurement of, 42, 50 
effect of temperature on, 44, 45 
from electromotive force data, 
107, 108 

from equilibrium constants, 92, 
109-111 

and free energy, 91, 92 
from heats of formation, 44 
indirect determination of, 51 
from spectroscopic data, 152-157 
Heat of solution, 27 
of hydrochloric acid, 34r-39 
integral, 27 

partial molar, 27, 34-39 
Heat of vaporization, 20-23 
as function of reduced tempera- 
ture and pressure, 71 
of nitric acid, 80, 81 
temperature coefficient of, 21 
temperature coefficient of fugac- 
ity, 70 


Heat of vaporization, Trouton’s 
rule, 22 

Hildebrand modification, 22, 
23 

Heat capacity, at constant pressure, 

11 , 12 

at constant volume, 11 
Einstein and Debye tables of, 345, 
348 

estimation of, gaseous organic 
compounds, 190-193 
carbon-hydrogen-oxygen com- 
pounds, 191-193 
hydrocarbons, 190, 191, 193 
of gases, 12-14, 117, 190-193, 343 
effect of pressure on, 18, 19 
of liquids, 15 , 

of soHds, 14, 142-144, 148-152,344 
atomic lattices, 143, 144 
molecular lattices, 148-152 
of solutions, 16, 28 
specific heat, 11 

statistical calculation, of gases, 117 
of internal degrees of freedom, 
117 

of rotational degrees of freedom, 
132 

of vibrational degrees of free- 
dom, 134, 139 
Heat content, 6 
effect of pressure on, 18 
heat capacity at* constant pres- 
sure, 11, 12 

Joule-Thomson coefficient, 319, 
325, 326 

partial molar, 33 
standard states, 41, 74 
temperature dependence of, 12, 13 
{See also Enthalpy) 

Heat transfer, in converter, 256-258 
in packed towers, 292, 294 
Hydrates, entropies of, 177 
Hydrocarbons, entropies of, 161, 
162, 173, 174 
free energies, 161, 162 
heat capacities, 190, 191, 193 
stability of, 56 

thermodynamic constants of, 351 
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Hydrochloric acid, 28 
entropy, 106, 107 
free energy, 105, 106 
heat capacities, 28-32 
heat of formation, 39 
heat of solution, 33-39 
partial molar quantities, 28-39 
Hydrogen, electrode, 102 

entropy and third law, 158, 159 
ion concentration (pH), 207, 208 
Joule-Thomson effect, 318-326 
reduction of stannic oxide, 93 

I 

Ideal gas, 12 

calculation of thermodynamic 
’functions of, 116-140 
Integral heat of solution, 27 
Integration, numerical, 250 

in design of absorption tower, 274, 
275 

of air conditioning tower, 296, 
297 

of reaction converters, 250, 251, 
259 

Integration constant of free energy 
equation, 92 

from electromotive force measure- 
ments, 100-107 

equilibrium measurements, 93- 
97 

standard free energies of forma- 
tion, 107 
third law, 97 

Internal energy, of gases, 114-117 
partition functions, 116 
Internal rotation, 129, 130 
free, 130 
restricted, 130 

International steam table calorie, 9 
Inversion phenomena, 322, 323 
equation for inversion points, 322 
Iodine, solubility in carbon bisulfide, 
200 , 201 

Ionic strength, 75 
Ions, activities of, 74, 75 
entropies of, 350 


Ions, standard states of, 74 
Isopropyl alcohol, 130 
deh^'drogenation of, 130 

J 

Joule, 9 

Joule-Thomson effect, 318-326 
coefficient of, 319 

estimation of, 325, 326 
equation for maximum fraction 
liquefiable by, 323, 324 
liquefaction of hydrogen by, 323- 
325 

estimation of maximum frac- 
tion liquefiable, 324 
inversion conditions, 323 
optimum conditions of operation 
of, 323 

Junction, liquid-liquid, 103, 104 

K 

Kay’s rule, 66 
Kirchhoff equation, 21 
Kopp’s law, 14 

L 

Law of Dulong and Petit, 15 
Laws of thermodynamics, first, 6, 
329, 330 
second, 7 
third, 87, 157-159 

Leaching manganese ores, possible 
process for, 302-305 
discussion of equilibriums in- 
volved in, 302, 303 
efficiency of recovery in, 305 
statement of problem, 302 
thermodynamic data, 303 
Lead, basic sulphate, 299, 300 
oxide, 299 
sulphate, 299, 300 
sulphide, 299, 301 
Liquefaction of gases, 313-326 
possible methods for, 313 
adiabatic work, 317, 318 
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Liquefaction of gases, possible meth- 
ods for, compression, 315-317 
Joule-Thomson effect, 318-326 
magnetic cooling (solids), 326- 
328 

refrigeration, 313-315 
Liquid, heat capacity of, 15, 16 
junction of, 103 
polar and nonpolar, 22, 23 

M 

IMagnetic cooling, thermodynamics 
of, 326-328 

Manganese carbonate, 303 
Material balance, 247 
for deriving differential equations, 
247, 255, 270, 271 
in flow of fluids, 332 
Maxwell-Boltzmann distribution 
law, 116 

Mechanism of reactions, 244 
Mercurous chloride, electrode, 108 
entropy of, 109 

Metallurgical processes, thermo- 
dynamic analyses of, 298-312 
Methane, 51 
energy of CH bond, 51 
Alolality, definition of, 29 
Molar heat capacities, apparent, 28, 
29 

partial, 16, 28 

Molecular structure data, 125-132 
calculation of entropies, 132-142 
of heat capacities, 133-139, 
190-193 

Moments of inertia, principal, 129, 
133, 141, 142 
from band spectra, 137 
from electron diffraction, 141 
use in calculation of rotational 
entropies, 133 

N 

Nickel oxide, calculation of entropy 
of, 144-147 
heat capacity of, 145 


Nitric acid, by absorption of nitro- 
gen oxides in bubble cap 
tower, 277-290 

analysis of rate and equilibrium 
factors, 278-282 
estimation of plate and cooling 
requirements, 284-289 
heats of formation in aqueous 
solutions, 287 

heat of vaporization of, 80, 81 
thermodynamics of synthesis from 
nitrogen oxides, 215-221 
Nitric oxide oxidation, 246 
equilibrium in, 246 
rate of, 245,. 246, 271, 272, 281, 282 
Nitroethane, 221-223 
Nitrogen, heat capacity of, 19 
Nitrogen dioxide association equilib- 
rium, 218 

Nitrogen oxides, thermodynamic 
constants of, 216 

absorption in dilute caustic solu- 
tion, 267-276 

absorption in nitric acid, 277-290 
Nitromethane, 221-223 
Nitroparaffins, 221-223 
Nitrosyl chloride, oxidation of, 243 
design of converter for, 244-252 
rate of decomposition and forma- 
tion, 245, 246 
Nuclear spin, 130 

and rotational partition functions, 
131, 132 

O 

Oxidation-reduction, processes, 100, 
101 

reactions, 203, 204 
Overall coefficient, of gas absorption, 
264 

of heat transfer, 292, 294 
Overvoltage, 233 

P 

Packed towers, for air conditioning, 
291 

for gas absorption, 269 
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Partial molar quantities, 16 
entropy, 72 
free energy, 72 
heat capacities, 16, 28 
heat contents, 33 
heats of solution, 27, 28 
methods for computing, 16 
Partition functions, definition, 114, 
115 

calculation of thermodynamic 
functions from, 116-142 
electronic, 121-124 
rotational, 126-133 
vibrational, 133-135 
Perfect plate, concept of, 267 
illustrative calculations, 277-290 
pH, determination of, 207, 208 
hydrogen electrode, 207 
quinhydrone electrode, 207, 208 
Poiseuiile's equation, 333 
Potential, standard electrode, 102 
Potentiometric methods, 204-210 
continuous acid control, 208-210 
determination of pH, 207, 208 
titrations, 204-207 
of halogen, 204-206 
acid-base, 206, 207 
Preheating reactants, heat require- 
ment, 17 

Pressure, effect on entropy, 138, 139 
equilibrium constant, 112, 113 
free energy, 59 
fugacity, 61, 62 
heat capacity, 19, 20 
enthalpy, 18 
vapor pressure, 69 
Principal moments of inertia, 141, 
142 

Problems, 352-369 
Propane, flame temperature in com- 
bustion of, 236-242 
Purification of zinc ores, thermo- 
dynamic analysis of possible 
process for, 305-310 
basic data, 306-308 
discussion of equilibriums in- 
volved, 308, 309 
heat requirements, 309, 310 


Purification of zinc ores, statement 
of problem, 305, 306 
Pyrites, thermodynamic constants 
of,- 306 

Q 

Quantum mechanics, applications to 
thermodynamics, 51-54, 116 
energy levels, 116, 126-134 
Quantum weights, 116 
{See also Degeneracy) 

R 

Rates, of absorption, 4, 263 

of chemical reactions, 246, 253, 
254 

of decomposition of nitrosyl chlo- 
ride, 246 

of diffusion, 263, 264 
of heat transfer, 256, 257, 292, 294 
of mass transfer, 273, 274, 294 
of oxidation of nitric oxide, 246, 
271, 272, 281, 282 
Reduction of stannic oxide, 93 
Residual rays, 147 
calculation of entropy of sodium 
chloride, 147, 148 
Resonance, 52-54 

effect on heats of formation, 53 
on stability of hydrocarbons, 56 
Reversible process, criterion of, 6 
Reynolds number, 333 
Roasting lead ores, conclusions, 301, 
302 

discussion of equilibriums in- 
volved, 300, 301 

thermodynamic analysis of, 298- 
302 

thermodynamic data, 299, 300 
Rotational, degrees of freedom, 12, 
13, 114, 125 

energy levels, 125, 126, 128 
entropy, 132, 133 
heat capacity, 12, 13, 132 
partition functions, 126-129 
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Rules, empirical, 14 
for entropies, 176, 185, 186 
for heat capacities, 14^17, 190-193 
for heats of fusion, 24 

S 

Sackur-Tetrode equation, 118 
Salts, entropies of, 176-185 
Second law of thermodynamics, 7 
Silver carbonate, decomposition 
pressure of, 98 
solubility in water, 201, 202 
Silver chloride, electrode, 105 

continuous acid control, 208- 
210 

titration of halogen, 204-206 
free energy, 106 
Single potentials, 102, 104 
{See also Electrode) 

Sodium chloride, entropy from re- 
sidual-ray data, 147, 148 
Solids, 142-144 

Born and Von Kdrm^n theory of, 
143-144 

applied to nickel oxide, 145-147 
Debye theory of, 15, 143 
Einstein theory of, 143 
entropies of, 148, 176-185 
heat capacities of, 14, 15, 143-152, 
344 

Solubility, of electrolytes in water, 
78, 201-203 

in ideal solutions, 199, 200 
in regular solutions, 200, 201 
Specific heat, 11 

{See also Heat capacity) 

Specific reaction rates, 246, 272 
Spectroscopic data, use in thermo- 
dynamics, 116-124, 135 
Spin multiplicities, of some common 
atoms, 131 

Stability of hydrocarbons, 56 
Standard, electrode potentials, 102 
of chlorine electrode, 102 
of hydrogen electrode, 102 
of mercurous chloride electrode, 
108 


Standard, electrode potentials, of 
silver, silver chloride electrode, 
105, 106 

free energy change, 88, 89 
state, 41, 74, 88 

Stannic oxide reduction equilibrium, 
93-97 

entropy change, 98 
State sum, {see Partition functions) 
Statistical weights {see Degeneracy, 
quantum weights) 

Sulphur dichloride, electron diffrac- 
tion pattern of, 55 
estimation of entropy of, 141, 142 
estimation of free energy of, 140- 
142 

estimation of heat of formation of, 
54, 55 

moments of inertia of, 141 
Sulphur dioxide, liquefaction of, 
313-317 

thermodynamic constants of, 299 
Sulphur monochloride, 55 
Symmetry number, 130, 131 

T 

Tables, of Debye heat capacity func- 
tion, 348 

of Einstein functions, 345-347 
of entropies, 164 
gases, 187-189 
inorganic solids, 179-185 
organic compounds, 164-175 
of heat capacities, 343, 344 
gases, 343 
solids, 344 

Temperature, ice point, 10 
inversion, 322, 323 
Thermodynamics, 3 
first law, 6, 329, 330 
second law, 7 
third law, 86, 87, 157-159 
Thermodynamic analysis of possible 
process for, barium chloride, 
211-215 

benzaldehyde, 227-230 
benzyl alcohol, 231-234 
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Thermodynamic analysis of possible 
process for, butadiene, 223-227 
decarburization of ferrochrome, 
310-312 

leaching of manganese ores, 302- 
305 

nitric acid, 215-221 ^ 

nitroparaffins, 221-223 
purification of zinc concentrates, 
305-310 

roasting lead ores, 298-302 
Thermodynamic constants, of gase- 
ous hydrocarbons, 351 
Third law of thermodynamics, 86, 
87, 157-159 

apparent contradictions, 157-159 
coraparison of spectroscopic and 
calorimetric entropies, 124, 
157 

evaluation of free energy data, 86 
use in calculation of decomposi- 
tion pressures, 98 
Tin, 93 

Transition, heat of, 25 
rotation in solids, 25 
Translational, entropy, 118 
heat capacity, 13, 14 
Trouton's rule, 22 

Hildebrand^s modification, 22, 23 
Kistiakowsky^s modification, 23 

U 

Units, 9, 10 

Use of tables of free energy function, 
119, 120 

V 

Van der Waals equation, 315, 316, 
317, 318 


Vapor pressure, 67 
effect of pressure on, 69 
effect of temperature on, 67 
escaping tendency, 74 
fugacity, 69 

heats of vaporization from, 80, 81 
Vaporization, 20 
entropy change of, 22, 23 
heat of, 20-23 

effect of temperature on, 21, 22 
Vibrational, degrees of freedom, 13, 
114, 125, 133, 135 
energy levels, 125, 133 
entropy, 134, 138 
heat capacity, 134, 139 
partition function, 134 
Virtual entropy, 132 
Volt equivalent, 10 

W 

Water, enthalpy of, 26 
entropy of, 187, 216 
freezing point of, 10 
heat capacity of, 9, 343 
heat of formation of, 47 
heat of vaporization of, 21 
Work, 6 

in adiabatic process, 317, 318 
in flow process, 330, 331 
recovery of, 336-338 

Z 

Zero point energy, change of reac- 
tion, 120 

methods for evaluating, 120 
vibrational, 133, 134 
Zinc sulphide, thermodynamic con- 
stants of, 308 










